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Abstract 
 
According to the classical perspective of chemical physics, the properties of the electrified 
solid/liquid interfaces are crucial for the behavior of multiple systems, especially those which 
are envisaged to play the key role in so-called sustainable energy provision schemes. The 
interface structure and, related to it, energy barriers for the charge and mass transfer 
significantly affect, e.g., the electrocatalyzed processes. While the rate of the electrocatalytic 
reactions was typically attributed to the properties of the electrode, i.e., the surface structure 
and composition, it turns out that the resulting system performance depends also on the 
electrolyte composition. Numerous studies show that various species present in the solution can 
modify both the kinetics and the mechanism of the interfacial reactions. Particularly interesting 
is the influence of the seemingly inert ions (e.g., alkali-metal cations) frequently found in the 
electrolytes. As reported in the literature, the activity towards an electrocatalytic reaction often 
exhibits sensitivity to the nature of these species. Another interesting aspect is the effect of the 
concentration of certain electrolyte constituents. For instance, the effect of the H+ concentration 
(expressed as pH) on the activity which, in many situations, does not show obvious trends.  
Whereas the electrolyte composition is an important factor affecting the electrocatalytic 
activity, the explanation of its effect is often challenging. The incomprehension of the 
electrolyte influence results from the limited number of the experimental methods that allow 
the in-depth analysis of the role played by certain constituents for the electrocatalyzed reactions. 
Thus, the focus of this thesis lays on developing the experimental methodology enabling a 
thorough investigation of the effect mentioned above. For this purpose, several different 
systems were studied using the so-called laser-induced current transient (LICT) technique. This 
in situ technique uses a high-power laser beam to probe the electrode/electrolyte interface. The 
utilization of the LICT together with other commonly known electrochemical methods appears 
as a powerful tool of the system examination.  
In this work, the usefulness of the aforementioned methodology is elaborated for 
electrocatalytic and battery systems (important for energy applications). The catalytic systems 
included pure noble metal (i.e., Pt and Au) electrodes as well as electrodes consisting of non-
precious metal compound (i.e., Mn2O3) immersed in various acidic electrolytes of different pH, 
near-to-neutral Na+ and K+ salt solutions, or in the alkaline electrolytes of NaOH. In all the 
systems under study, one can see a direct correlation between the interface structure and the 
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activity of the electrodes towards the hydrogen evolution or oxygen reduction reactions. 
Interestingly, the proposed methodology can also be successfully used to investigate battery 
cells. As shown by the example of model aqueous Na-ion battery systems utilizing 
Na2Ni[Fe(CN)6] and Na2Co[Fe(CN)6] as the electrode material, the laser technique augmented 
by the other electroanalytical methods could deliver unique information about the interfacial 
charge and mass transfer.  
Owing to its simplicity and ability to investigate the effect of the electrolyte on the resulting 
performance of various systems, the LICT is expected to open up new opportunities for more 
efficient studies of the electrified solid/liquid interfaces.    
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Zusammenfassung 
 
Gemäß der klassischen Perspektive der chemischen Physik sind Eigenschaften der 
elektrisierten Fest-Flüssig-Grenzflächen entscheidend für das Verhalten der elektrochemischen 
Systeme, insbesondere derjenigen, die die Schlüsselrolle in sogenannten nachhaltigen 
Energieversorgungssystemen spielen sollen. Die Struktur der Grenzfläche und die damit 
verbundenen Energiebarrieren zum Ladungs- und Massentransport beeinflussen z.B. die 
elektrokatalysierten Prozesse erheblich. Während die Geschwindigkeit der elektrokatalytischen 
Reaktionen typischerweise auf die Eigenschaften der Elektrode, d.h. die Oberflächenstruktur 
und Zusammensetzung, zurückgeführt wurde, stellt sich heraus, dass die resultierende 
Systemleistung auch von der Elektrolytzusammensetzung abhängt. Zahlreiche Studien zeigen, 
dass verschiedene in der Lösung vorhandene Spezies sowohl die Kinetik als auch den 
Mechanismus der Grenzflächenreaktionen verändern können. Besonders interessant ist der 
Einfluss der scheinbar inerten Ionen (z.B. Alkalimetallkationen), die häufig in den Elektrolyten 
vorkommen. Wie in der Literatur berichtet, zeigt die Aktivität gegenüber einer 
elektrokatalytischen Reaktion oft eine Sensibilität für die Art dieser Spezies. Ein weiterer 
interessanter Aspekt ist der Effekt der Konzentration bestimmter Elektrolytbestandteile. 
Beispielsweise die Auswirkung der H+-Konzentration (ausgedrückt als pH-Wert) auf die 
Aktivität, die in vielen Situationen keine offensichtlichen Trends aufweist. 
Während die Elektrolytzusammensetzung ein wichtiger Faktor für die elektrokatalytische 
Aktivität ist, ist die Erklärung ihrer Wirkung oft schwierig. Das Unverständnis des 
Elektrolyteinflusses ergibt sich aus der begrenzten Anzahl der experimentellen Methoden, die 
eine eingehende Analyse der Rolle bestimmter Bestandteile für die elektrokatalysierten 
Reaktionen ermöglichen. Daher liegt der Schwerpunkt dieser Arbeit auf der Entwicklung der 
experimentellen Methodik, die eine gründliche Untersuchung der oben genannten Effekte 
ermöglicht. Zu diesem Zweck wurden mehrere verschiedene Systeme mit der sogenannten 
laserinduzierten Stromtransienten (englisch: laser-induced current transient, LICT) Technik 
untersucht. Diese in-situ-Technik verwendet einen Hochleistungslaserstrahl, um die Elektrode-
Elektrolyt-Grenzfläche zu sondieren. Die Verwendung des LICT zusammen mit anderen 
allgemein bekannten elektrochemischen Methoden erscheint als ein leistungsfähiges Werkzeug 
der Systemprüfung. 
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In dieser Arbeit wird der Nutzen der oben genannten Methodik für Elektrokatalytische- und 
Batteriesysteme (wichtig für Energieanwendungen) erarbeitet. Zu den Katalysatorsystemen 
gehörten sowohl reine Edelmetallelektroden (d.h. aus Pt und Au) als auch Elektroden aus 
Nichtedelmetallverbindung (d.h. aus Mn2O3), die in verschiedene saure Elektrolyte mit 
unterschiedlichem pH-Wert, nahezu neutrale Na+- und K+-Salzlösungen oder in die alkalischen 
Elektrolyte von NaOH eingetaucht waren. In allen untersuchten Systemen kann man einen 
direkten Zusammenhang zwischen der Grenzflächenstruktur und der Aktivität der  
Elektroden in Richtung Wasserstoffentwicklung oder Sauerstoffreduktionsreaktionen sehen. 
Interessanterweise kann die vorgeschlagene Methode auch erfolgreich zur Untersuchung von 
Batteriezellen verwendet werden. Wie das modellhafte Beispiel wässriger Na-Ionen-
Batteriesysteme mit Na2Ni[Fe(CN)6] und Na2Co[Fe(CN)6] als Elektrodenmaterial zeigt, könnte 
die durch die anderen elektroanalytischen Verfahren erweiterte Lasertechnik einzigartige 
Informationen über den Grenzflächen vermittelten Ladungs- und Massentransfer liefern. 
Aufgrund seiner Einfachheit und Fähigkeit den Einfluss des Elektrolyten auf die resultierende 
Leistung verschiedener Systeme zu untersuchen, wird erwartet, dass das LICT neue 
Möglichkeiten für effizientere Untersuchungen von elektrisierten Fest-Flüssig-Grenzflächen 
eröffnet.  
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2. Introduction 
 
2.1 Global Energy Production: Current Situation, Limitations, and 
Challenges 
 
A global population growth coupled with dynamic industrialization of developing countries 
results in a continuous rise in energy demand.1,2,3,4 According to the forecast of the International 
Energy Agency (IEA), by 2040 this demand is going to further increase by another 50%.5 
Current energy production largely depends on fossil fuels. In 2017, 85% of produced energy 
came from oil (34%), coal (28%), and natural gas (23%).6 However, the consumption of these 
resources has two significant drawbacks. First, it generates greenhouse gases recognized as the 
primary cause of climate changes. Second, the remaining reserves of the non-renewable 
resources are predicted to diminish within the next few decades. Thus, one can see that 
addressing the global need for energy necessitates the development of alternative energy 
sources.7  
 
 
Figure 2.1. Diagram representing the combination of the power output of wind and solar power plants 
in Germany during the time period between the 24th and 30th of September 2018. Note the fluctuation in 
the power production. Taken from reference 8.         
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Solar and wind, often recognized as the most promising examples of renewable energy  
sources, already contribute to about 3% of global energy provision.6,9,10,11 However, their 
stochastic nature frequently results in temporary excess or deficiency of the generated  
energy (see Figure 2.1). This appears to be one of the biggest challenges causing the so-called 
“generation vs consumption” problem.12 Therefore, one can see that efficient, widespread 
utilization of renewable energy requires viable methods of its provision and storage.   
 
2.2 Hydrogen: Energy Carrier of the Future 
 
One of the most suitable candidates to store energy produced from renewable sources is 
hydrogen. In this respect, energy can be stored in the form of chemical bonds, transported, and 
eventually converted back to the electricity using fuel cells (FCs) or combustion systems (see 
Figure 2.2). Undoubtedly, the utilization of H2 would fit well into the worldwide 
‘‘decarbonization’’ trend.13 On earth, however, hydrogen does not occur in its molecular form. 
Rather, it is found in water and hydrocarbons. Currently, the steam reforming of the latter is the 
primary source of H2. Nevertheless, producing hydrogen from fossil fuels does not solve the 
problems related to the consumption of non-renewable energy resources. Instead, it only shifts 
the fossil fuels from end-use to earlier production steps.14  
 
Figure 2.2. Schematic representation of the hydrogen energy cycle. Adapted from reference 15. 
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Electrolytic water splitting is likely a viable route of clean hydrogen acquisition. This process, 
performed in the so-called water electrolyzers (WELs), uses electric energy to split water 
molecules.16,17,18,19 This method of hydrogen gas production has recently garnered massive 
attention along with high expectations to fulfill demands for environmentally friendly 
energy.20,21,22 However, to make this technology financially rewarding, it is still necessary to 
improve the efficiency of the processes essential for electrocatalytic production and utilization 
of gas H2.  
Although the “hydrogen technologies” are mainly based on H2 reactions, their biggest 
bottlenecks are the oxygen evolution reaction and oxygen reduction reaction taking place in 
WELs and FCs, respectively.23  Hence, many efforts are made to improve the sluggish kinetics 
of these processes. Furthermore, the aggressive electrolytes used in these electrocatalytic 
systems narrow down the choice of catalysts to expensive noble metals. Thus, the optimization 
of the catalyst activity would additionally allow decreasing the loading of the pricey materials 
and, as a consequence, reduce the operational costs. 
 
 
Figure 2.3. Three major factors influencing the electrocatalytic activity: surface composition, surface 
structure, and electrolyte composition.    
Studies of the optimization of the WELs and FCs performance typically concentrate on the 
electrode materials and electrode structure. However, there is a growing body of evidence that, 
in many cases, the activity of a certain electrocatalyst drastically depends on the electrolyte 
composition. Moreover, the consideration of the “inert” electrolyte species often appears to be 
the only possible way to fully explain an electrocatalytic behavior of numerous systems.24 Thus, 
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it is now clear that the activity of a given electrode surface should be found as a combination 
of three essential components, namely: (i) surface composition, (ii) surface structure, and 
(iii) electrolyte composition (see Figure 2.3).  
 
2.3 Batteries: Old Ideas, New Applications 
 
Utilization of rechargeable batteries is another solution for storing the intermittent surpluses of 
renewable energy in the form of chemical energy.25,26 Currently, Li-ion batteries are the most 
popular type of rechargeable cells. Because of their large operational voltage and high energy 
density, they find application in numerous types of portable devices or plug-in hybrid 
vehicles.27 Furthermore, due to their relatively simple maintenance and ability to provide high 
energy conversion, these devices are also often presented as a promising choice for the large-
scale energy storage systems.9,11,28,29 However, there are a few major drawbacks that 
characterize this technology. One of them is associated with the low abundance of Li deposits 
on earth. Additionally, the reserves of lithium are located in distant places or in countries, which 
are nowadays not politically stable.30 These factors affect the costs of the key materials 
hindering the widespread upscaling of this kind of storage systems. Moreover, flammable 
organic electrolytes, typically used in this type of battery cells, can raise safety issues. 
Therefore, the utilization of batteries consisting of cheaper materials and safe electrolytes would 
largely simplify the grid-scale application of battery systems.31,32 Aqueous Na-ion batteries 
could be an answer to this problem. Unlike lithium, sodium is the 6th most abundant element in 
the earth’s crust occurring in ocean water33 and various minerals.34,35 The resemblance between 
the electrochemical behavior of the Na and Li elements additionally enables to transfer 
advanced technologies of Li-ion cells to Na-based batteries.30 For these reasons, Na-ion 
batteries have drawn a lot of interest from the scientific community.  
There have been numerous studies dedicated to developing electrode materials that could be 
implemented in aqueous Na-ion batteries.36,37,38 The majority of reported studies on this type of 
battery cells focuses on properties, such as energy and power densities, or the stability of the 
electrode materials upon their exploitation.39,40,41,42,43 Nonetheless, still relatively little is known 
about the kinetics of the interfacial processes governing their performance, such as intercalation 
and deintercalation of metal cations. Particularly interesting is the role of the electrolyte 
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composition for the mechanism of (de)intercalation. Apparently, the influence of the electrolyte 
species on the performance of the battery cells (both cations and anions) might have also been 
underestimated in the case of battery systems.12,44,45,46  
 
2.4 Objective of the Thesis 
 
In spite of its importance, the determination of the electrolyte effect on the behavior of 
electrochemical systems remains a challenge. The difficulties arise from the shortage of 
techniques, which allow the profound study of the electrified solid/liquid interfaces and 
processes taking place at them.45 Therefore, there is a great need for elaborating new 
characterization methods, which would allow a more in-depth analysis of the systems. In this 
work, the influence of the electrolyte composition on interfacial processes is examined. The 
interfaces formed between solid electrodes and liquid electrolytes in various systems crucial for 
sustainable energy provision are investigated with the so-called laser-induced current transient 
(LICT) technique complemented by other commonly known methods of electroanalysis (i.e., 
cyclic voltammetry, impedance spectroscopy, or electrochemical nanogravimetry). Using this 
unique tool, the following aspects are addressed: 
1. The pH effect and the influence of alkali-metal cations on the electrocatalytic activity 
of noble metal electrodes. The oxygen reduction reaction and the hydrogen evolution 
reaction are used as model energy relevant processes. 
2. The kinetics of the electrocatalytic reactions on electrodes consisting of non-precious 
metal compounds. 
3. The effect of alkali-metal cations and anions on the kinetics and mechanism of 
intercalation and deintercalation processes in systems relevant to aqueous Na-ion 
batteries.  
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3. Theoretical Considerations 
 
3.1 Catalysis and Electrocatalysis 
 
By definition, catalysis is a phenomenon of enhancing the rate of a chemical reaction as a result 
of adding a material, which does not get consumed during the entire process and can be used 
repetitively. The introduced material, known as a catalyst, alters the kinetics of the reaction 
without modifying its thermodynamics.47,48  
Probably one of the oldest examples of catalytic reactions is the production of ethanol. This 
process, known already in antiquity, utilizes the enzymes supplied by yeast to convert sugar to 
alcohol during fermentation. Notwithstanding, the first reported catalytic operation in modern 
history was decomposition of ammonia on hot metals performed in 1813 by the French 
professor L. J. Thenard. Still, it took about two decades until the official term “catalysis” was 
used for the first time. It was done by J. J. Berzelius who in 1836 published an extensive report 
on the systematic studies of this phenomenon.49,50 This opened a new field of scientific research 
enabling the development of numerous branches of the chemical industry.51 
The catalysis can be divided into two main fields:47,50 
➢ Homogeneous catalysis; in this type of catalysis, the catalyst exists in the same phase 
as the reactants and products of the catalyzed reaction.  
➢ Heterogeneous catalysis, which is related to all catalytic systems, where the catalyst and 
the reactants are in different phases.   
Heterogeneous catalysis is the most common type of catalysis. In the literature, it typically 
refers to the processes in which the catalyst is in a solid state, while the substrates and products 
of the catalyzed reaction are gases or liquids. The popularity of such a “combination” comes 
from the ease of separation and cleaning of the catalytic material.50   
The idea behind the catalytic process can be explained as follows. In order for a reaction to 
occur, a certain energy barrier (i.e., activation energy) must be overcome. The role of the 
catalyst is to lower this barrier by bonding the reaction substrates and creating a complex 
characterized by a decreased demand for energy. Such a complex undergoes the chemical 
reaction forming products which, in the end, can be separated from the catalyst.51    
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In search for an optimal catalytic material, three factors should be considered: (i) the activity of 
the catalyst, (ii) its selectivity, and (iii) stability.52 The activity is described using the rate of the 
reaction turnover expressed as the overall number of catalytic conversions of reactants taking 
place at one active center in a given amount of time.53 In turn, the selectivity can be defined as 
the ability of a catalyst to promote a particular reaction pathway to achieve a preferred 
outcome.54 Finally, the catalytic material should exhibit high stability in often harsh reaction 
conditions without getting less active or damaged.55,56  
Electrocatalysis is a special type of catalysis focusing on the enhancement of the rate of 
chemical reactions occurring at the electrode surface. At a certain current density, the simplest 
indicator of the rate enhancement is a decrease in the overpotential. The overpotential can be 
defined as the difference between the experimentally observed potential at which a reaction 
takes place and the thermodynamic equilibrium potential value.47 Electrocatalysis covers all the 
cases in which the applied potential can govern the reactions. The use of the external voltage 
provides another adjustable parameter affecting the chemical processes. This gives an 
additional possibility to control the catalytic reactions more effectively which appears as a clear 
advantage over the “classical” catalysis.57,58 
 
3.2  Sabatier Principle 
 
The so-called Sabatier principle formulated at the beginning of the 20th century by the French 
chemist P. Sabatier is one of the fundamentals of heterogeneous catalysis.59 According to this 
tenet, the binding energy between the intermediates of a catalytic reaction and the active sites 
of the catalyst should be neither too strong nor too weak. Too strong interactions would simply 
block the catalyst surface, while too weak interactions would not allow the species to stay at 
the surface long enough to react. On the basis of this principle, it is possible to say that for each 
catalytic reaction there is optimal binding energy for which the reaction proceeds the most 
efficiently.60  
It has become a common practice to depict activity trends using the so-called volcano plots. 
They illustrate the relation between the electrocatalyst activity and the surface reactivity. The 
activity shows how fast the catalytic process takes place at the surface, while the reactivity 
measures the intensity of the interactions between the catalyst surface and the adsorbing species. 
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The catalytic activity can be represented as, for instance, current density, overpotential, or 
‘‘half-wave potential’’, while the reactivity is typically quantified by the strength of the bonds 
estimated from the heat of hydride formation, the heat of oxide formation, etc. (Figure 3.1). An 
optimal catalyst for a particular reaction is located at the top of the volcano plot.61,62 The activity 
of the catalysts placed on the left from the top is limited by the desorption of the products. In 
contrary, the activity of the catalysts from the right side of the plot is limited by the poor 
activation of the reactant.60 The volcano plots constructed in such a way are useful in designing 
efficient catalytic materials.61 
 
Figure 3.1. Schematic illustration of the volcano plot. The catalyst depicted as D is an optimal one. The 
catalysts located on the left side of the optimum bind the reaction species too strongly, while the catalysts 
on the right bind them too weakly.  
  
3.3 Active Sites 
 
The Sabatier principle and its volcano plot quantification (Section 3.2) could answer questions 
regarding the species-catalyst interaction. However, they did not provide information about the 
location of the active sites at the catalyst surface. It was Langmuir who was the first who 
concluded that adsorption of gas molecules at the surface is not even. According to this 
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statement, the catalyst surface contains a finite number of ‘‘spaces’’ which can be covered by 
the adsorbate, while the rest of the spaces stay unoccupied. This idea was further developed by 
H. S. Taylor. According to Taylor, a catalytic chemical reaction is not catalyzed over the entire 
solid surface of the heterogeneous catalyst but only at certain centers: so-called ‘‘active sites’’.63 
The reactions remarkably dependent on the distribution of the catalytic active sites are known 
as structure-sensitive.64 Identification of active sites, as well as their structure, relative surface 
abundance, and electronic properties, plays a vital role in the process of optimization and 
development of new catalysts.65,66   
 
3.4  Reactions Important for Energy Conversion and Storage and their 
Applications 
 
3.4.1 Hydrogen Evolution Reaction 
  
Hydrogen gas can be produced in the cathodic half-reaction of water splitting. This reaction, 
known as the hydrogen evolution reaction (HER), is undeniably among the most studied 
electrochemical processes. It is of great importance for a number of energy conversion devices, 
such as artificial photosynthetic cells or WELs.17,18,19,67 Depending on the pH of the electrolyte 
used, the HER proceeds through the following half-reactions:68  
In acidic media:          
2H(aq)
+ + 2e− → H2(g) Eq. 3.1 
    
In alkaline solutions: 
2H2O + 2e
− → H2(g) + 2OH(aq)
− Eq. 3.2 
 
The thermodynamic equilibrium potential for the HER is given as 𝐸   H+/H2
o = 0.00 V vs 
reversible hydrogen electrode (RHE).69 
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The kinetics of the HER strongly depends on its reaction pathway (Figure 3.2). In acidic media, 
the HER consists of the following steps:68,70 
• Volmer reaction (also known as the discharged reaction) is usually considered to be the 
fastest one.71 During this step, the electron transfer takes place at the catalyst surface. 
As a consequence, an intermediate hydrogen atom gets adsorbed: 
H(aq)
+ + e− → H(ads) Eq. 3.3 
 
• Heyrovsky reaction (also known as electrochemical desorption) occurs subsequently to 
the Volmer reaction. In this step, another electron transfer takes place. The adsorbed 
hydrogen atom reacts with a proton from the solution forming molecular hydrogen: 
H(ads) + H(aq)
+ + e− → H2(g) Eq. 3.4 
 
• Tafel reaction (also known as the recombination reaction) is a process alternative to the 
Heyrovsky reaction. In this step, molecular hydrogen is formed by two adsorbed 
hydrogen atoms: 
H(ads) + H(ads) → H2(g) Eq. 3.5 
 
 
Figure 3.2. HER mechanisms on the electrode surface in acidic media. Roman numerals show the order 
of the subsequent steps. Adapted from reference 70. 
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The aforementioned reaction pathways can be both potential- and catalyst-dependent. In some 
cases, the multiple pathways can be simultaneously operative. This can happen due to the 
structure sensitivity of the HER. The existence of different surface crystal facets on a single 
electrocatalyst can cause the reaction to undergo more than one pathway.68  
  
3.4.2 Oxygen Evolution Reaction 
 
The anodic half-reaction of water splitting is the oxygen evolution reaction (OER).67 Similar to 
the HER, the OER is one of the most important processes for production and storage of 
renewable energy in chemical form.72,73 During this reaction, molecular oxygen is generated 
through several proton-electron coupled processes. As for the HER, the mechanism of the OER 
is also strictly related to the acidity of the environment. Depending on pH of the electrolyte, 
one can distinguish two reaction pathways:67,74,75,76,77,78 
In acidic solutions: 
2H2O → 4H
+ + O2 + 4e
− Eq. 3.6 
 
In alkaline solutions: 
4OH− → 2H2O + O2 + 4e
− Eq. 3.7 
 
3.4.3 Water Electrolyzers 
 
As mentioned above, the process of water electrolysis can be carried out in WELs.79 These 
devices utilize the external direct current (DC) to split H2O into hydrogen and oxygen.
80 The 
concept of water decomposition using electric current dates back to the beginning of the 19th 
century when Nicholson and Carlise performed this process for the first time.81 Since then, the 
electrolysis faced many ups and downs finally becoming one of the most promising solutions 
for the future sustainable energy provision.82         
Consider the simplest WEL consisting of an anode and a cathode submerged in an acidic ion 
conductive solution and connected with a power source (see Figure 3.3). In such a system, 
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water molecules are oxidized at the anode side producing O2 in the OER (Eq. 3.6). Then, the 
released protons migrate through the diaphragm (preventing the mixing of the gases) towards 
the cathode where they undergo the HER forming H2 (see Eq. 3.1). The generated gases are 
captured in collectors located near the electrodes.  
 
Figure 3.3. Scheme of a water electrolysis unit working in an acidic media. Yellow arrows show the 
direction of the electrons flow. Water molecules are reduced at the anode, while protons are transported 
to the cathode where they get oxidized to H2 . Adapted from reference 83. 
Regardless of the electrolyte pH, the sum of both half-reactions can be expressed as: 
 H2O → H2 +
1
2
O2 
Eq. 3.8 
     
In general, one can distinguish three main types of electrolysis systems: (i) alkaline water 
electrolyzers, (ii) polymer electrolyte membrane (PEM) electrolyzers, and (iii) solid oxide 
electrolyzers (SOE). The technology using the alkaline water electrolyzers is the most mature. 
Such electrolyzes typically utilize the 20 %-30 % aqueous solution of KOH as an electrolyte. 
Thus, their main drawback is related to the high risk of corrosion caused by the aggressive 
media. The second, PEM devices are so far meant for small-scale applications. As the name 
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suggests, the PEM electrolyzers contain a proton exchange membrane usually made of 
Nafion®. The presence of the solid membrane results in a separation of oxygen and hydrogen 
gases, as well as in faster transportation of ions. Furthermore, due to an absence of the highly 
alkaline electrolyte, the PEM electrolysis assures longer durability and higher safety. High costs 
of the membrane and electrode materials in these systems is an obvious shortcoming of this 
technology. The third type of the electrolyzers listed above, namely the SOE, utilizes electricity 
to perform the conversion of steam or CO2 into H2 and CO. These devices operate at high 
temperatures. This is a clear advantage considering the fact that water electrolysis is an 
endothermic process. The high temperatures increase the rate of the redox reaction and, as a 
consequence, decrease the amount of electricity used. Therefore, it is believed that application 
of the SOEs to the hydrogen production could significantly reduce the price of the final 
product.84,85   
 
3.4.4 Hydrogen Oxidation Reaction 
 
Next to the HER, the hydrogen oxidation reaction (HOR) is a reaction of fundamental 
importance for electrocatalysis. Many basic laws in this field have been developed and verified 
using these two hydrogen reactions.86 The HOR is also essential for FCs in which it occurs at 
the anode. In opposite to the ORR (the cathode reaction in FCs), this reaction exhibits rather 
fast kinetics.23 Especially on Pt-based catalysts, the oxidation of hydrogen occurs quickly and 
its rate in a FC is usually controlled by mass-transport limitations.87 Because of that, during the 
optimization of the performance of these devices, the overpotential of the HOR is often 
neglected.88   
Despite the importance of the HER/HOR in both acidic and alkaline media (especially for 
alkaline electrolyzers and alkaline fuel cell systems), the mechanism and kinetics of this 
reaction have been more often studied in the acidic electrolytes. As in the case of the HER, the 
HOR is also believed to follow the Tafel-Heyrovsky-Volmer mechanism (see Section 3.4.1). 
However, depending on the electrode material, the rates of the Tafel and Heyrovsky reaction 
can vary.89,90  
Although the HOR proceeds fast on Pt-based catalysts, it exhibits sensitivity to impurities. For 
instance, the CO impurity can block the active sites at the catalyst surface. Thus, hydrogen used 
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in this reaction should be pure. This can cause problems, making the reactant expensive and 
difficult to store.87  
 
3.4.5 Oxygen Reduction Reaction 
 
Similarly to the OER, the ORR is a multielectron process. It may include multiple elementary 
steps involving different intermediates. The complicated reaction pathway of O2 reduction  
at the surface is usually described by the scheme proposed by Wroblowa et al. shown in  
Figure 3.4.91,92 
 
Figure 3.4. Schematic representation of the most plausible ORR mechanism. Adapted from  
reference 91. 
According to this reaction scheme, an oxygen molecule can be electrochemically reduced 
directly to water with the rate constant k1. This reaction known as ‘‘direct’’ reduction requires 
four electrons and proceeds without the H2O2(ads) intermediate formation. Another possibility is 
‘‘series’’ reduction taking place with the rate constant k2. In this reaction, O2 is firstly reduced 
to H2O2(ads). The generated intermediate can be further electroreduced to water (rate constant 
k3), catalytically decomposed at the electrode surface (rate constant k4), or desorbed into the 
bulk of the electrolyte (rate constant k5). Based on the literature, the ORR on Pt and Pt-
bimetallic electrocatalysts is believed to most likely undergo the pathway of four-electron 
reduction.93    
The first step of four-electron reduction of oxygen (hereunder presented the so-called 
dissociative mechanism in acidic media) includes oxygen molecule adsorption. This process 
can be shown as follows:23,93,94 
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1
2
O2 ⇄ O(ads) 
Eq. 3.9 
 
The O(ads) further undergoes the reductive transition according to the kinetic equation: 
O(ads) + H
+ + e− ⇄ OH(ads) Eq. 3.10 
 
Finally, the OH(ads) gets reduced to water through the reductive desorption step:  
OH(ads) + H
+ + e− ⇄ H2O Eq. 3.11 
 
For transition metal catalysts less active than Pt (i.e., Au, Hg), it was reported that the oxygen 
molecule is more likely to be subjected to the two-electron pathway.93 In this scenario, the O2 
is reduced to H2O2. During this process, the HOO(ads) intermediate is generated:
95 
O2 + H
+ + e− ⇄ HOO(ads) Eq. 3.12 
 
HOO(ads) + H
+ + e− ⇄ H2O2 Eq. 3.13 
 
The standard reduction potential for the ORR is given as 𝐸   O2/H2O
o = 1.23 V vs RHE.69 
 
3.4.6 Fuel Cells 
 
The hydrogen generated in the HER can be utilized as a fuel in a FC. By definition, the FC is a 
galvanic cell converting the chemical energy of a fuel to electrical energy (via an electric 
current) without fuel combustion.87,96 This is undoubtedly one of the oldest electrical energy 
conversion technologies. The idea of using these apparatuses as energy conversion systems 
dates back to the middle of the 19th century. Since that time, due to the increase in the global 
energy consumption and the urge to look for a replacement for fossil fuels, the FCs have been 
recognized as one of the main candidates for the future energy provision.97,98,99  
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A scheme of a typical FC is depicted in Figure 3.5. Hydrogen (fuel) and oxygen (oxidant) are 
introduced into the system where, at electrode surfaces, they undergo redox reactions resulting 
in electricity production.100  
 
Figure 3.5. Scheme of a fuel cell containing an acidic electrolyte and utilizing hydrogen as a fuel. The 
fuel (H2) gets oxidized at the anode, while the oxidant (O2) is reduced at the cathode side. The redox 
reaction results in the electric current flow through the external circuit. Adapted from reference 101. 
The fuel (H2) introduced into the FC gets oxidized at the anode side (the HOR takes place), 
whereas the oxidant (O2) is transferred to the cathode where it is reduced (during the ORR). 
The whole process takes place with high conversion efficiency, high power density, and quiet 
operation. Although various types of fuels can be utilized (i.e., methanol, ethanol, methane, 
etc.), hydrogen appears to be the most environmentally friendly choice. Besides the electrical 
energy, utilization of this gas results in the generation of only water and heat as side 
products.96,102 
Depending on the electrolyte pH, the mechanism of the reactions occurring in the FCs can be 
presented as follows:96 
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In acidic electrolytes: 
Anode: H2 → 2H
+ + 2e− Eq. 3.14 
 
Cathode: O2 + 4H
+ + 4e− → 2H2O Eq. 3.15 
 
In alkaline electrolytes: 
Anode: H2 + 2OH
− → 2H2O + 2e
− Eq. 3.16 
   
Cathode: O2 + 4e
− + 2H2O → 4OH
− Eq. 3.17 
 
In both cases, the half-reactions can be combined and expressed as the following general 
reaction of the cell: 
 2H2 + O2 → 2H2O Eq. 3.18 
 
There are various ways of the FCs classification. Typically, these devices are categorized 
according to parameters related to their construction or operation. One of the most common 
criteria is based on the electrolyte used. The electrolyte can exist in the solid and liquid state. A 
solid oxide ion-conducting ceramic is an example of the former. The FC containing the ceramic 
material is known as the solid oxide FC (SOFC). The liquid electrolytes can be further divided 
according to their pH value of the electrolyte. For instance, H3PO4 finds an application in 
phosphoric acid FCs (PAFCs). In turn, solutions from the other side of the pH scale, such as 
KOH, can be applied in the so-called alkaline FCs (AFCs). Another common way of grouping 
these devices is based on their working temperatures. One can distinguish low-temperature and 
high-temperature FCs. Direct methanol FCs (DMFCs), polymer electrolyte FCs (PEMFCs), or 
AFCs and PAFCs mentioned above belong to the group of the low-temperature FCs. By 
contrast, SOFCs are an example of the high-temperature FCs. A typical operating temperature 
range of such a cell is ca. 600-1000 °C.87,103       
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3.5  Na-Ion Battery Systems  
 
3.5.1 Fundamentals of Batteries 
 
From the scientific viewpoint, batteries are defined as galvanic cells that generate direct current 
as a consequence of converting chemical energy into electrical one. A schematic illustration of 
a battery is displayed in Figure 3.6. A battery cell consists of an anode and a cathode. During 
the discharge, the anode material undergoes oxidation processes. Electrons generated during 
oxidation move through the external circuit towards the cathode which, in turn, undergoes 
reduction processes. Both reactions occur simultaneously which results in the electron flow 
through the external circuit. Electrolytes used in batteries can be a liquid, gel, or even a solid 
material exhibiting ionic conductivity. An important part of a battery cell is a separator, which 
can be also an ion-selective membrane. It is used to prohibit the physical contact between the 
two electrodes. The physical contact between the electrodes would lead to their short circuiting 
and, as a further consequence, to the so-called ‘‘thermal runaway’’ often resulting in the cell 
destruction.104,105,106,107  
 
Figure 3.6. Schematic image of a battery system utilizing intercalation and de-intercalation of alkali-
metal cations. Yellow spheres symbolize metal cations. Arrows show the direction of the cations and 
electrons movement during discharge (depicted as red arrows) and charge (depicted as green arrows).  
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There are several different ways of battery classification. One of the most general divides these 
devices according to their capability to get recharged. Batteries, which are not designed to be 
repetitively used are known as primary batteries, while the cells, which can be periodically 
charged and discharged are called secondary batteries. The battery systems can be also grouped 
according to the type of the electrolyte used. One can distinguish cells utilizing the electrolyte 
in a solid or liquid state. The latter can be further split into non-aqueous and aqueous 
solutions.104 A common practice of naming different types of battery directly refers to 
electrolytes, which they contain, charge carriers which they use, or material which they are 
made of.108,109,110,111,112 In this thesis, a focus is put on the aqueous Na-ion batteries using the 
so-called Prussian Blue Analogs (PBAs) as the electrode material. 
 
3.5.2 Prussian Blue Analogs as Electrode Materials for Na-Ion Batteries 
 
Prussian Blue is known as one of the oldest synthetic chemicals. Its general chemical formula 
can be depicted as AM[FeIIIFeII(CN)6], where AM stands for alkali-metal cations. This 
coordination compound forms a face-centered cubic (fcc) open framework structure with 
iron(III) and iron(II) ions placed on the alternate corners. The Fe ions in the corner-shared 
octahedra are linked by conjugated cyanide anions (C≡N-), where the high-spin ferrous ions 
(FeII) and the low-spin ferric ions (FeIII) are connected to the N and C atoms, respectively. The 
FeII centers can be replaced with other transition metal MII ions (e.g., Ni, Co, Cu, Mn) or even 
with whole compounds (e.g., VOx) (see Figure 3.7).
113,114,115,116,117,118,119 The materials obtained 
this way are classified as PBAs. 
 
Figure 3.7. Schematic representation of the framework of a Prussian Blue Analog. Taken from  
reference 114. 
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The particular arrangement in the structure of both the Prussian Blue and its analogs results in 
a formation of relatively huge, open ionic channels. This allows alkali-metal cations to move 
into and from the material structure. The quasi-reversible insertion and extraction of cations (or 
other guest molecules) into and from the structure of host solids are known as intercalation and 
deintercalation, respectively.120,121 Intercalation and deintercalation are of crucial importance 
for the Na-ion battery systems. Generally speaking, while charging a battery cell, the cations 
are deintercalated from the structure of the cathode material. Then, they move towards the 
anode side where they get intercalated again. The process is reversed during discharging 
(Figure 3.6).122 Both intercalation and deintercalation take place as a result of 
reduction/oxidation of FeIII/FeII ions in the framework of PBAs. The occurrence of the 
electrochemical reaction and the resulting electron flow make it possible to use this type of 
compounds as battery electrode materials.113,123,124,125,136 The technology utilizing the PBAs as 
the electrode material appears to be particularly beneficial among the other known 
alternatives.126,127,128,129,130,131 The main benefits of the batteries containing these compounds 
are that they are relatively cheap and simple in production, have good energy density and high 
durability.32,132,133,134,135,136,137 
 
3.5.3 Intercalation Mechanism  
 
The general scheme of the electrochemical reaction taking place in a typical PBA may be 
expressed as follows:12,126  
AMNi[FeIII(CN)6] + AM
+ + e− ⇄ AM2Ni[Fe
II(CN)6] Eq. 3.19 
 
The one-step mechanism presented above can briefly explain the electrochemical reasons for 
the insertion and extraction of the cation into and from the structure of the PBA electrode 
discussed in Section 3.5.2. One can see that in this very simple model, electrolyte constituents 
are not considered to have any remarkable contribution to the entire course of the processes. 
However, the simplicity of (de)intercalation was recently brought into question. As shown by 
Yun et al. and Ventosa et al., the real mechanism of cation (de)intercalation in the systems 
utilizing the PBA as a cathode material consists of at least three quasi-reversible stages.12,138 
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Based on the impedance studies, the authors propose the following scenario of the whole 
process (hereunder presented for deintercalation):12  
(i) In the first step, FeII gets oxidized. Because of the high electronic conductivity of 
the PBA, this stage can be considered as relatively fast: 
AM2Ni[Fe
II(CN)6] − e
− ⇄ AM2Ni[Fe
III(CN)6]
+ Eq. 3.20 
 
(ii) As actual deintercalation of the alkali-metal cations occurs quite slowly, the short-
time excessive positive charge is generated at the electrode surface. This results in 
the specific adsorption of the counter electrolyte species, such as anions (depicted 
as AN), compensating the excess surface charge:  
n(AM2Ni[Fe
III(CN)6]
+) + ANn− ⇄ (AM2Ni[Fe
III(CN)6])nAN Eq. 3.21 
 
(iii) Finally, as a part of the last step, the alkali-metal cations and the specifically 
adsorbed anions leave the electrode surface:  
(AM2Ni[Fe
III(CN)6])nAN ⇄ nAM
+ + ANn− + nAMNi[FeIII(CN)6] Eq. 3.22 
 
Unlike the scheme depicted in Eq. 3.19, the three-stage mechanism presented above underlines 
the vital role played by the electrolyte components during the entire course of the alkali-metal 
cation (de)intercalation.126 A careful examination of the multiple-step process reveals that some 
kinetic characteristics of cation insertion into and removal from the electrode structure might 
show sensitivity towards the nature of the species present in the electrolytes. As further shown 
by Yun et al., this is indeed the case for the Na-ion battery systems. Different properties of both 
the negatively and positively charged species have a significant impact on the interfacial charge 
and mass transfer. According to the authors, the observed changes likely originate from the 
different hydration energies of dissimilar electrolyte constituents. This clearly shows that the 
composition of the solution used in battery cells has a substantial effect on their overall 
performance.12  
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3.6  Electrified Solid/Liquid Interface 
 
3.6.1 General Model 
 
It has been experimentally proven that the behavior of the interface formed between the 
electrode and electrolyte resembles the behavior of a capacitor. Hence, after applying a potential 
to the system, the charge typically separates between the metal electrode (qM) and the solution 
(qS). Regardless of the actual sign of the excess charge at the metal electrode surface (being a 
function of the potential, the electrode material, and the electrolyte composition), the following 
expression is valid:47 
𝑞M = −𝑞S Eq. 3.23 
 
The charge at the metal surface can be interpreted as an excess or deficiency of electrons. 
Because of the high conductivity inside the metal, the extended (or contracted) space charge-
region is located in the outer thin layer of the metal electrode. An excess of ions carrying a 
charge with the sign opposite to the sign of the electrode surface charge (expressed as qS) will 
be localized on the electrolyte side of the formed phase boundary. Assuming full hydration of 
the ions, the separation of the charged layers is equal to one half of the diameter, d, of the 
hydrated ions (see Figure 3.8A). This model of the electrochemical interface was proposed by 
Helmholtz and is commonly recognized as the Helmholtz layer model.139  
Considering the thermal motions of the ions and their consequences in terms of loosening the 
compact ion layer, the Helmholtz model appeared to be insufficient. The issue regarding the 
temperature-driven movement of the ions near the electrode surface was considered by 
L. G. Gouy and D. L. Chapman. According to the model developed by them, positively and 
negatively charged ions coexist in an extended region nearby the electrode surface, in the so-
called diffuse layer. Furthermore, near to the surface, there is a surplus of the ions carrying the 
charge opposite to the electrode charge in comparison to the scarcity of ions of the same charge 
(Figure 3.8B). This image of the interface, however, does not consider the existence of the 
Helmholtz layer.139  
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Figure 3.8. Schematic illustration of the electrified solid/liquid interface: (A) Helmholtz layer model, 
(B) diffuse layer model, (C) combination of Helmholtz and diffuse layers. The thickness of the interface 
depends on the ionic strength of the solution, and is inversely proportional to the electrolyte 
concentration. Adapted from reference 140.   
It was O. Stern who suggested that the most plausible model of the interface is a combination 
of the two mutually exclusive models. Moreover, according to Stern, some ions may (partially 
or entirely) lose their hydration shell and, as a consequence, get very close to the electrode 
surface (Figure 3.8C). Such a phenomenon is called specific adsorption, and it can take place 
through van der Waals forces, Coulombic forces, or even by establishing strong chemical bonds 
(chemisorption). The plane consisting of the specifically adsorbed ions is defined as the inner 
Helmholtz layer (IHL). Adequately, the outer Helmholtz layer (OHL) will be constituted by the 
ions (strictly speaking their centers), which stayed hydrated. Species adsorbed in such a way 
are known as non-specifically adsorbed. Because of the solvent sheath, the interactions between 
these species and the charged metal surface are limited to the long-range electrostatic forces.139  
In reality, all the species present in the electrolyte can undergo the specific adsorption. Its 
strength, however, can vary depending on the alteration in the electrode potential. Nonetheless, 
because the anions tend to interact with the electrode through the van der Waals forces, they 
can adsorb at the surface even if its net charge is negative (Figure 3.9). As the specific 
adsorption of an anion requires at least partial removal of its hydration shell, one can expect 
that the metal-anion interactions will be stronger for the species with lower hydration 
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energies.139 The entire arrangement of solvent molecules and charged ions present in the 
electrified solid/liquid interface is known as the electric double layer (EDL).47 
 
Figure 3.9. Representation of the generally accepted model of the electrified solid/liquid interface 
depicting ions and solvent molecules. Adapted from reference 139. 
     
3.6.2 Interfacial Water Layer 
 
In the absence of the specifically adsorbed ions, solvent molecules present at the electrode 
surface constitute the first layer of the EDL.141 Thus, the water-electrode interplay is one of the 
key factors influencing the behavior of the electrochemical systems.45 Over the decades, the 
topic concerning the interactions between water and metal surfaces has gathered particular 
attention of the scientific community both from the fundamental and applied 
perspective.142,143,144 To this date, the comprehension of this subject is of crucial importance for 
various disciplines involving physics, chemical physics, heterogeneous catalysis, biochemistry, 
electrochemistry, surface science, or corrosion.145,146,147,148  
  
38 
 
In fact, metal surfaces interact with water molecules relatively weakly. Based on DFT 
calculations performed for single water molecules on monocrystalline (111) surfaces, the 
calculated energy values are between -0.1 and -0.4 eV. Furthermore, according to the DFT 
studies, the adsorption energies of the most commonly used metals increase according to the 
following order: Au < Ag < Cu < Pd <Pt < Ru < Rh. A single H2O molecule tends to bind to a 
metallic surface through its oxygen atom at a top site. Also, the distance between such a 
molecule and the topmost metal layer is much bigger than distances usual for chemically 
adsorbed species.149     
It has been found that on the hexagonally close-packed surfaces of transition metals, which 
strongly interact with the solvent molecules (i.e., Ru, Rh, or Ni), water tends to form an ice-like 
structure (Figure 3.10A).145,147 It is a bilayer structure similar to the layer of ice.149 In this 
network, every second solvent dipole is aligned parallel to the surface, while its oxygen atom 
is bound to a top site of the metal. The other dipoles can orient themselves either with the H 
atom pointed towards or away from the metallic surface.145 These structures are commonly 
known as ‘‘H-down’’ and ‘‘H-up’’, respectively. On the close-packed metals, both 
configurations are energetically alike. Interestingly, at the surfaces of less noble metals 
interacting more strongly with the water molecules (e.g., Ru), a half-dissociated solvent layer 
is supposed to be more stable. In such a configuration, every second dipole is dissociated to 
OH.149,150,151 However, in the light of substantial barriers inhibiting its formation, the existence 
of the half-dissociated bilayer might be called into question.152,153 In opposite to the 
aforementioned metal/water interfaces, the ice-like structure is not expected to be observed at 
the surfaces of weakly interacting metals (i.e., Au or Ag).145,147 Due to its wide application in 
electrocatalysis, the Pt-water interface is especially important. In this case, the electronic 
structure of platinum is barely affected by the presence of water.  
Because of the presence of the strong electric field, adsorption of ions, as well as differences in 
temperature and pressure, the solvent structure becomes even more complex in the 
electrochemical interfaces.154 On the basis of the existing models, the water dipoles in the EDL 
exhibit an ‘‘oxygen-up’’ and ‘‘oxygen-down’’ average orientation. The former exists on 
negatively charged surfaces, while the latter on the positively charged ones. According to the 
classical perspective on the electrochemical interface, at the potentials lower than the potential 
of zero charge (PZC; potential at which the net electrode charge changes its sign, see Section 
3.6.3), the H2O molecules orient their dipoles directly towards the electrode interacting with its 
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surface through hydrogen atoms.155 This model was further complemented by including water-
water (i.e., H-bonds) and water-metal interactions.156,157,158 As suggested by Thiel et al., the 
actual molecule-surface interplay at the potentials below the PZC is more complex.145 
Admittedly, each H2O molecule is oriented with both H-atoms somewhat closer to the electrode 
surface than the O atoms. However, the oxygen atoms still interact with the metal via lone-pair 
electrons (see Figure 3.10B). Interestingly, at the potential values around the PZC, solvent 
dipoles lay nearly flat at the surface (Figure 3.10C).159,160 This is the reason why at these 
potentials and at the potentials slightly higher than the PZC, interfacial water can also form the 
ice-like structure (see Figure 3.10A). However, as for the uncharged surfaces, the ability of the 
solvent adlayer to rearrange this way depends strongly on the electrode material.154 Finally, at 
the potentials significantly higher than the PZC, water dipoles orient themselves with the 
oxygen part towards the electrode and the hydrogen atoms directed opposite to the surface (see 
Figure 3.10D).161 
 
Figure 3.10. Orientation of interfacial water molecules. (A) Ice-like water structure and the most 
plausible orientation at potentials: (B) lower than the PZC, (C) around the PZC, (D) more  
positive than the PZC (for more information regarding the PZC see Section 3.6.3). Adapted from  
references 161 and 162.  
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3.6.3 Potential of Zero Charge and Potential of Maximum Entropy 
 
The PZC mentioned in the previous section is one of the most important energetic parameters 
characterizing the metal electrode interface. It is commonly defined as a potential at which the 
electrode surface exhibits no excess charge.104,163,164,165 The PZC was introduced by Frumkin 
in 1928,166 and since then it is vital for a detailed understanding of phenomena taking place at 
the EDL (e.g., adsorption of charged and uncharged species) and their kinetics.163,164,165 It also 
plays an important role in physicochemical mechanics of solids, photoemission, and electron 
transfer at the interface. Introduction of the concept of the PZC enabled to, for instance, measure 
or compute the absolute electrode potential.104 For transition metals, the PZC is closely related 
to their work function. The relation can be expressed in the following equation:167 
𝐸PZC =
𝛷
𝑒0
+ 𝐾S Eq. 3.24 
 
where Φ stands for the work function, e0 is the electron charge, and KS is a constant representing 
the influence of the solvent on the EPZC of a given electrode. The existence of the direct 
dependence between the PZC and the work function builds a direct connection between 
electrochemical surface science and classical surface science.164,168 The value of the PZC 
depends on the electrode and electrolyte composition, as well as on electrode surface 
crystallography and defectiveness.104  
Although the definition of the PZC seems to be clear, one can encounter difficulties arising 
from the ambiguity of the concept of the electrode charge. The problem becomes particularly 
complex in the presence of adsorption processes involving charge transfer which can occur at 
the electrode/electrolyte interface (a phenomenon commonly observed for Pt and Pt-group 
metals). In order to overcome this issue, definitions of two PZC types have been 
introduced:163,164,165,169  
1. The potential of zero free charge (PZFC), defined as a potential at which the free, 
electronic net charge density of the electrode surface is zero. 
2. The potential of zero total charge (PZTC), defined as a potential at which the sum of the 
free, electronic net charge density, as well as the charge density transferred during 
reversible adsorption processes, are zero. 
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Clearly, for an ideally polarizable electrode, both concepts coincide. This is because of the fact 
that no charge transfer associated with adsorption takes place. However, for the Pt-group metal 
electrodes, these two values differ from each other. Hence, in cases of metals adsorbing 
hydrogen or oxygen, the PZTC exhibits a pH dependence.104,165 Noteworthy, only the PZTC 
can be obtained experimentally (thus, in the following sections of this thesis, the PZC stands 
for the PZTC).164  
 
Figure 3.11. Simplified schematic of the water dipoles orientation towards the metal surface according 
to the surface charge in aqueous electrolytes. The potential at which there is a maximum disorder in the 
interfacial layer corresponds to the PME, while the PZC represents the potential at which the net surface 
charge equals zero. In most cases, the PZC and PME of metal electrodes are located close to each other. 
Adapted from reference 45. 
The potential of maximum entropy (PME) is another parameter of paramount importance for 
the electrode/electrolyte interface and processes taking place at it. The PME is commonly 
defined as a potential at which the entropy of the double layer formation reaches its maximum. 
This state is achieved when there is maximum disorientation in the solvent layer at the electrode 
surface. The PME is expected to be located close to the PZC (see Figure 3.11). For instance, 
for mercury or gold electrodes immersed in aqueous solutions, the PME has a slightly more 
negative value than the PZC.170 The observed difference between PZC and PME results from 
the specific interactions between water molecules and (uncharged) metal surfaces preventing 
solvent dipoles from a full reorientation.141 This phenomenon occurs most likely due to a strong 
directional bond formed between the oxygen atom and unoccupied d-orbitals of the transition 
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metal surface.144 Thus, a negative charge at the electrode surface is necessary in order to reach 
a maximum disorder in the double layer.171 The knowledge of the PME is especially useful in 
the assessment of stiffness of the interfacial water layer. For instance, this is found to be the 
main cause of energy barriers affecting the charge and mass transfer through the interface.46,172  
Interestingly, species specifically adsorbed at the electrode surface may also affect the water-
metal interactions. Hence, up to a certain extent, the PME is also expected to exhibit sensitivity 
to the PZC.141  
 
3.7  Modification of the Electrocatalytic Activity 
 
Understanding the behavior of electrode/electrolyte interfaces is of great importance for 
applications in various branches of chemistry.173 The idea that the interface structure governs 
the activity towards a certain electrocatalytic reaction dates back already to the middle of the 
last century when Breiter174 and Frumkin175 published first articles on this topic. Since that time, 
numerous studies have been conducted in order to better comprehend interactions between the 
electrode surface and the reaction intermediate, as well as their consequences for the kinetics 
and mechanism of electrocatalyzed processes.99,176,177,178,179,180,181 This often complex interplay 
appears to be crucial for the activity and selectivity of the reactions taking place in 
electrochemical systems. In the following sections, special attention is paid to three main 
parameters having a massive impact on the system performance, namely the electrode 
composition, the electrode surface structure, as well as the composition of the electrolyte.   
 
3.7.1 Influence of the Electrode Structure 
 
Since Taylor’s statement was published (see Section 3.3),63 the identification of the active sites 
at which certain reactions take place became one of the main goals in the heterogeneous 
electrocatalysis. It turned out that the successful recognition of these centers would likely allow 
further optimization of electrocatalysts, as well as the development of new electrocatalytic 
materials with the highest possible density of the active sites at the surface. On the basis of the 
aforementioned ideas, two main ways of boosting the electrocatalytic activity have been 
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developed: (i) modification of the electrode morphology and (ii) modification of the electrode 
composition.182 The first approach focuses on maximizing the number of active centers by 
introducing certain facets or defects (i.e., steps, kinks, vacancies) into the structure of the 
electrode surface.66,183 This plays a vital role for the structure-sensitive reactions. Studies 
aiming at the identification of active sites usually focus on single-crystal surfaces. The choice 
of model surfaces with a known surface atoms arrangement makes it easier to assess the 
contribution of different facets to the observed activity. This is of crucial importance for the 
further development of the “real-world electrocatalysts”, which are typically used in the form 
of extended porous surfaces or nanoparticles immobilized on an electronically conductive 
carbon support.99,184 The second approach to increase the activity of an electrocatalytic material 
is based on the alteration of its composition by creating alloys of various metals.62,65 This way 
of increasing the electrocatalyst activity is discussed in Section 3.7.2.  
 
Figure 3.12. (A) ORR on Pt(111), Pt(100), and Pt(211): theoretical volcano plot. Adapted from  
reference 66. (B) Experimental volcano plot recorded for Pt(111) (depicted as a circle), 
Pt[n(111) × (111)] (depicted as triangles), and Pt[n(111) × (100)] (depicted as squares) electrodes. 
The plot is taken from reference 185; however, the data points shown in black are taken from  
reference 66.  
Consider the oxygen reduction reaction. Using the binding energy of the OH(ads) as the reactivity 
descriptor in the Sabatier-type volcano plot, one can see that, for the pure Pt(111) surface, its 
value is almost optimal.23,186 Nonetheless, in order to reach the tip of the activity plot, the 
binding energy of the active sites, situated mainly on-top of the Pt(111) surface 
atoms,187,188,189,190,191 should be decreased by ~0.1 eV (Figure 3.12A).66,192,193  It has been 
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shown that for some platinum stepped monocrystalline surfaces, the ORR activity increases in 
comparison to Pt(111). For instance, the ORR activity exhibited by some stepped surfaces, such 
as Pt(221) or Pt(331), highly outperforms the activity of the low-index platinum electrocatalyst 
in acidic media (Figure 3.12B),66,194 surpassing even some platinum alloys.194 This appears 
surprising considering that reduction of the surface atom coordination typically increases the 
binding energy.195 In other words, undercoordinated sites (e.g., steps) are supposed to bind the 
reaction intermediates more strongly than sites located at (111) terraces (see Figure 3.12A).66  
The increased electrocatalytic activity of stepped surfaces might suggest that the defects are 
responsible for the improvement in the overall electrocatalyst performance.194,196,197,198 The 
activity of these surfaces, however, does not rise linearly with step density. For instance, as 
shown in Figure 3.12B, the Pt(110) surface (depicted as Pt[n(111) × (111)] with n = 2), known 
for having the highest step density, shows the activity only slightly higher than that recorded 
for Pt(111).66 Furthermore, the activity of Pt(110) is much lower than those recorded for the 
aforementioned Pt(221) and Pt(331) surfaces (depicted as Pt[n(111) × (111)] with n equal to 4 
and 3, respectively) characterized by lower step densities.188  
These seemingly contradicting experimental findings can be understood through the prism of 
increased destabilization of OH(ads) on stepped surfaces. While in the ORR the effect of strongly 
adsorbing oxygen on the structure of hydroxyl adsorbate appears to be negligibly small, the 
interplay between OH(ads) and H2O(ads) is significant.
66 As reported by Casalongue et al., one 
can distinguish two phases of hydroxyl species coexisting at the surface: hydrated and non-
hydrated ones.199 The latter phase is characterized by a weaker bonding of the hydroxyl species 
at terraces. Furthermore, the OH(ads)-H2O(ads) interactions exhibit sensitivity to the surface 
structure. That is to say, the tendency of the system to form a certain OH-array depends on the 
width of the surface terraces. At narrow terraces, there is simply not enough space to form an 
extended network of hydrated OH. As a consequence, an increased quantity of the non-hydrated 
hydroxyl species can be detected which results in the improvement of the surface activity 
towards the ORR.   
In search for the explanation of these activity trends, it should not be overlooked that the 
formation of undercoordinated sites is not the only consequence of generating the surface 
defects. Instead, by introducing, for instance, steps, one also creates highly coordinated sites 
located at the bottom of these defects. As suggested by Calle-Vallejo et al., exactly the sites 
characterized by high coordination numbers are responsible for the observed increase in the 
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electrode activity. The authors support their statement using the so-called generalized 
coordination numbers (CN̅̅ ̅̅ ) – a weighted average of the common coordination numbers of every 
nearest neighbor atom. This geometric descriptor correlates the electrode activity with the 
morphology of the electrode surface bridging the gap between the Sabatier principle and the 
theory proposed by Taylor (see Section 3.2 and 3.3).191,200 The resulting coordination-activity 
plots provide information about optimal electrode surface sites (see Figure 3.13). Interestingly, 
by using this means, it is possible to explain not only the outstanding ORR activity of the 
aforementioned stepped surfaces65,185 but also the activities towards other reactions, such as the 
HER200 or CO oxidation.201 
 
 
Figure 3.13. Coordination-activity plot for the ORR on the extended Pt surface and various Pt 
nanoparticles. The plot represents the 𝐶𝑁̅̅ ̅̅  in relation to the potentials of the limiting step of oxygen 
reduction. The overpotential, ∆U, stands for the difference between the thermodynamic equilibrium of 
the ORR (1.23 V vs RHE) and potential values recorded for the various Pt electrocatalysts. Note that 
the optimal catalysts for the ORR possess the 𝐶𝑁̅̅ ̅̅  ≈ 8.3 and adsorb the OH intermediate ~0.15 eV more 
weakly than Pt(111) (blue points B and C represent two different cavities on Pt(111)). Taken from 
reference 191.   
Considering the influence of the electrode surface structure on its electrocatalytic activity, it 
should also be noted that the presence of defects is not beneficial for all kinds of structure-
sensitive reactions. For some processes taking place at (100) facets, the existence of steps, 
kinks, or vacancies will have the opposite effect leading to a decrease in the electrocatalytic 
activity. Especially, it is the case in reactions proceeding through breaking or forming O-O,  
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C-O, N-O, or N-N bonds.181 Ammonia oxidation on Pt can be given as an example. As shown 
by Rosca and Koper, this reaction involves the formation of ‘‘NH2 fragments’’.202 According 
to the same authors, the exceptionally high stability of these fragments adsorbed at (100) facets 
results in the superior activity of Pt(100).203    
   
3.7.2 Influence of the Electrode Composition 
 
Modifying the electrode composition is another approach to alter its electronic structure and, as 
a consequence, to tailor the electrocatalytic activity. A common way of changing the 
electrocatalyst composition is to create its alloys.62,204,205,206 In the literature, special attention 
is paid to alloys of Pt with 3d metals and rare earth elements.193,207,208,209,210,211,212,213 Such a 
combination can boost the activity by even an order of magnitude in comparison to Pt(111). 
Due to their excellent performance during the ORR and relatively high stability, bimetallic 
electrocatalysts are especially promising for applications in FCs.193,214,215,216 Additionally, the 
possibility to adjust the content of certain electrocatalyst constituents is another advantage over 
pure metals.62,217 This additional degree of freedom appears to be especially important in the 
process of the catalyst design. A good example showing the usefulness of this approach is the 
case of the Toyota MIRAI FC car. The optimization of the PtCo catalyst utilized in this car 
resulted in the ORR activity increase by a factor of 1.8 in comparison to the former model.218 
This improvement allowed the further commercialization of this vehicle.  
The changes in the performance of the bimetallic catalysts are mainly recognized as results of 
three effects:48,62,204,207,219,220  
➢ Ligand effect- arising from the coexistence of two different neighboring metal atoms 
interacting with each other. As a consequence of these interactions, the electronic 
structure of the atoms alters affecting the activity of the electrocatalyst.  
➢ Strain effect- originating from the different arrangement of dissimilar metal atoms 
present in the crystal structure. The strain can be either compressive or tensile. Its 
intensity depends mainly on the radius and content of the solute element.  
➢ Ensemble effect- coming from different characteristics of individual surface atoms or 
their ensembles. Different atomic arrangements result in different surface properties 
influencing, for instance, the specific adsorption of electrolyte species. 
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In most cases, the effects listed above occur simultaneously and co-contribute to the electrode 
activity. For this reason, it is often complicated to separate them from one another.207   
As mentioned in the previous chapter, the use of model single-crystal surfaces can be very 
useful in gaining fundamental knowledge about the system behavior. The simplicity of the low-
index planes allows to better predict and comprehend the activity of electrocatalysts. Figure 
3.14 displays a volcano plot representing the relation between the relative activity of the Pt 
alloy fcc(111) surfaces and the binding energy of the OH(ads) intermediate. One can see that 
Pt3Ni(111) exhibits the best performance towards the ORR among the presented surfaces, being 
about ten times more active than Pt(111). Furthermore, this surface binds the intermediate 
approximately 0.13 eV more weakly than the monocrystalline Pt surface. In general, it can be 
seen that creating Pt alloys decreases the OH-binding energy.62 
 
Figure 3.14. Volcano plot showing the relative ORR activity of different Pt alloy (111) monocrystalline 
surfaces (at 0.90 V vs RHE) plotted as a function of OH(ads) intermediate in 0.1 M HClO4. Taken from 
reference 62.      
Consider Pt alloy stepped monocrystalline surfaces. It is not difficult to predict that 
modification of the surface structure of the bimetallic catalysts will have further impact on their 
activity. Again, one could expect that introduction of periodic defects into the electrode surfaces 
is supposed to increase their OH-binding energy and, as a consequence, move the binding 
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energy values far from the optimum of the volcano plot. However, as displayed in Figure 3.15, 
the platinum alloy stepped surfaces do not exhibit such simple trends. Instead, one can see that 
the surface activities of the alloy-electrodes increase together with the step density, reaching 
the optimum value. Then, the activity starts decreasing for surfaces containing a higher number 
of steps. The elucidation of origins of the presented dependence is not trivial. The issue arises 
from the difficulty in the distinction between the influence of the introduced defects and the 
ligand and strain effects. Thus, unlike for low-index alloy planes and stepped pure Pt surfaces 
(see Section 3.7.1), determination of the binding energies of the active sites located at stepped 
alloy surfaces can be, in many cases, performed only experimentally.62  
 
Figure 3.15. Volcano plot representing the relative ORR activities of various stepped surfaces of Pt 
alloys (at 0.90 V vs RHE) shown as a function of the binding energy of the hydroxyl intermediate in 
0.1 M HClO4. Taken from reference 62.      
In order to accommodate expectations regarding the commercial utilization of electrocatalysts, 
it is necessary to address the activity of polycrystalline alloy-surfaces and nanoparticles. 
Unfortunately, the multiplicity of randomly distributed facets, steps, and kinks makes the 
comprehension of their catalytic behavior much more complicated. Moreover, the existence of 
numerous defects in these surfaces negatively influences their lifetime. The decreased stability 
of the catalysts stems from the selective dissolution of less noble metals from their structures 
generating compressive strains in surface and near-to-surface layers.221,222 As a consequence, 
the electrode surface binds the oxygen intermediates more weakly, which affects its activity.62    
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The successful assessment of the electrocatalytic behavior of this type of systems would require 
a descriptor associated with the binding energies of the reaction intermediates. One of such 
means could be the so-called “double volcano” plot. In this type of plot, maximal  
activities of bimetallic catalysts are shown in dependence on the atomic radii of solute elements  
(see Figure 3.16). By creating platinum alloys with various metals of different radii, one alters 
the strains in the material structure. The existence of two maxima in the double volcano (at 
smaller and larger atomic radii) implies that there are two optimal atomic radii at which the 
surface binding energies and, as a consequence, the activities reach their optima. It must be, 
however, noted that to be able to present the activities in such a way, their values should be 
related to pure platinum electrocatalysts. Furthermore, to avoid the influence of the electrolyte 
or the nanoparticle shape, the experimental data should be acquired in solutions containing non-
adsorbing species, whereas the utilized nanostructures should exhibit simple forms.62  
 
Figure 3.16. Double volcano plot depicting the ORR activities of polycrystalline platinum alloy catalysts 
and alloy nanoparticles at 0.90 V vs RHE in 0.1 M HClO4  relative to pure platinum shown as a function 
of the radii of solute metals. Asterisks depict nanoparticles. Taken from reference 62.  
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3.7.3 Influence of the Electrolyte Composition 
 
• Influence of Alkali-Metal Cations 
 
Latest studies, both experimental and theoretical, concordantly reveal that the electrolyte 
composition should be considered as an additional factor influencing the behavior of the 
electrochemical interface.223,224,225,226,227 Especially, the effect of alkali-metal cations, such as 
Na+ or K+, might have been highly underestimated for a long time.228,229,230,231,232,233 These 
cations, very often considered as ‘‘spectator species’’, are common constituents of aqueous 
electrolytes widely used in laboratory and industrial syntheses.234,235,236,237 Already in 1930 
Herasymenko and Slednyk observed that the hydrogen overpotential on Hg electrodes depends 
on the concentration and nature of the metal cations present in the electrolyte.238 The importance 
of the cation effect has been further addressed by, for instance, Tokuoka,239 Frumkin,240 or 
Heyrovsky.241 However, despite remarkable observations resulting from their studies, the 
subject has not attracted prominent attention of the scientific community. It is only recently that 
further development of experimental methodologies and a gain in the fundamental 
understanding of electrocatalytic processes have brought the focus back to the effect of alkali-
metal cations.242,243,244,245,246 ,247,248,249 It is now clear that the unexpected influence related to the 
electrolyte composition cannot be interpreted only through the prism of the ‘‘unknown 
contaminations’’.  
A good example illustrating the cation effect is the ORR performed on a Pt(111) electrode in 
various alkaline solutions. One can see that in this case the activity towards the ORR  
changes in the presence of different alkali-metal cations according to the following trend:  
Li+ < Na+ < K+ < Cs+ (see Figure 3.17).24  
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Figure 3.17. Voltammograms illustrating the influence of various alkali-metal cations on the 
electrocatalytic activity of the Pt(111) electrode towards the ORR in O2-saturated 0.1 M XOH (X= Li, 
Na, K, Cs). Adapted from reference 24; original data taken from reference 242. 
The obtained tendency can be explained in the light of OH(ads)-Pt interactions. According to 
Strmcnik et al., the hydroxyl is expected to be stabilized at the platinum surface by the increased 
charge density between the cations and metal.244 Then, the hydrated cations interact non-
covalently with OH(ads) creating a cluster and stabilizing the adsorbate. The intensity of the 
cation-hydroxyl strength will, in turn, depend on the hydration energy of the positively charged 
species. This can explain why the observed activity is the lowest in the case of Li+-containing 
electrolytes and the highest for the solutions that contain Cs+ cations. Interestingly, the 
hydration energy can be used as a quantitative descriptor of the cation effect not only in the 
ORR but also in such reactions as the HOR or methanol oxidation.24,242,248  
Quite surprisingly, the activity of the Pt(111) surface towards the HER exhibits an opposite 
cation effect than the activity towards the ORR. As shown by Xue et al., the rate of hydrogen 
evolution on the monocrystalline platinum electrode is the highest in the electrolyte containing 
Li+ cations (Figure 3.18A).250 Then, the recorded electrode activity continuously diminishes in 
the presence of Na+, K+, and Rb+, reaching the minimum in the Cs+-containing solution. As 
further presented by the authors, the same tendencies are observed for the Pt(221) and Ptpc 
surfaces with the exception for the RbOH electrolyte in the presence of which the rate of the 
HER on the Pt(221) electrode is the lowest. The electrolyte effect can be explained in light of 
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the H-binding describing the energy of the surface adsorption of the hydrogen intermediates. 
According to this theory, different alkali-metal cations interact with the adsorbate more or less 
strongly, altering the aforementioned H-binding energy.250 
 
Figure 3.18. HER activities at -0.05 V vs RHE recorded for the (A) Pt(111), Pt(221), Ptpc surfaces, and 
(B) for the Ir(111) electrode, as well as at -0.65 V vs RHE for (C) Au(111), Agpc, and (D) Au(111) metal 
surfaces in (A,B,D) H2-saturated and (C) Ar-saturated 0.1 M alkaline XOH solutions (where X= Li, Na, 
Rb, Cs). Taken from reference 250.     
Interestingly, the effect appears to change for different electrode materials. While the activity 
towards hydrogen evolution on the Ir(111) surface follows the same trends as those observed 
for Pt(221) (Figure 3.18B), the analogous measurements performed on Au(111) and Agpc 
revealed that the activity towards hydrogen evolution is the lowest in the presence of lithium 
cations (Figure 3.18C and D). Then, the activity increases in sodium, potassium, and rubidium 
hydroxide solutions, reaching the maximum value in the cesium-containing electrolyte. In this 
case, the electrode-dependent activity variations can also be explained through the prism of the 
H-binding energies. As reported in the literature, different metals are characterized by different 
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strength of the reaction intermediate adsorption at the surface.251,252 Pt and Ir are known for 
adsorbing the intermediates too strongly, which would place them on the opposite side of an 
activity volcano plot than Au or Ag characterized by too weak binding energies. As a result, 
the activity trends will alter for different electrode materials.250   
The concept that the alkali-metal cations affect the adsorption of reaction intermediates on 
metal electrodes can be additionally revealed from the blank voltammograms recorded for the 
Pt(111) electrode. Interestingly, adsorption and desorption of hydrogen occurring at the 
potentials lower than 0.40 V vs RHE do not appear to be significantly influenced by the nature 
of the cations. Instead, the effect is noted only at the electrode potentials higher than 0.60 V vs 
RHE (see Figure 3.19) at which hydroxyl and oxygen adsorption takes place. While the onset 
potential for hydrogen adsorption/desorption is not changed in series from Li+ to Cs+, the peaks 
representing OH-adsorption and metal surface oxidation (~1.00 V vs RHE) alter.24,253 The 
former shifts towards more negative potential values, while the latter one exhibits an opposite 
tendency.  
 
 
Figure 3.19. Cyclic voltammograms of Pt(111) immersed in the Ar-saturated 0.1 M XOH (X= Li, Na, 
K, Cs) solutions. Scan rate: dE dt -1 = 20 mV s-1. Black arrows depict the peak shift associated with the 
stabilization of OH(ads). Taken from reference 246. 
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Unlike the alkaline electrolytes, the activity of metal electrodes immersed in acidic electrolytes 
does not exhibit straightforward tendencies. This non-trivial electrocatalytic behavior is 
attributed to the fact that the acidic solutions often contain species specifically adsorbing at 
platinum surfaces (e.g., (bi)sulfate anions) and blocking the active sites.247 The alkali-metal 
cations can interact with adsorbates, which can generate difficulties in the interpretation of the 
origin of the electrocatalytic activities. Figure 3.20 depicts the relation between the nature of 
the alkali-metals and the electrocatalytic activity towards the HER, ORR, and OER. One can 
clearly see that the presented relations significantly deviate from those typical for the systems 
containing alkaline media (see Figure 3.18). Furthermore, although there are visible alterations 
in the shape of the blank CVs obtained in the sulfate solutions (Figure 3.21), there is no obvious 
correlation between the obtained changes and measured activities.24  
 
Figure 3.20. Pt(111) electrodes activity towards the (A) HER, (B) ORR, and (C) OER in electrolytes 
consisting of 0.05 M H2SO4 + 0.05 M X2SO4 (X = Li, Na, K, Rb, Cs). Taken from reference 247. 
The presence of different alkali-metal cations in acidic media also seems to have a minor effect 
on the Hupd and the double layer regions of the recorded voltammograms (Figure 3.21). One 
can, however, notice that in the different sulfate solutions, the potential at which the phase 
transition in the adsorbed (bi)sulfate layer occurs (visible at ~0.50 V vs RHE) “moves” towards 
more positive values. The intensities of the corresponding current peaks increase in the presence 
of dissimilar cations according to the following trend: Cs+ < Rb+ < K+ < Na+ < Li+. Furthermore, 
different cations seem to differently influence the layer of the specifically adsorbed (bi)sulfates. 
The re-arrangements in the adsorbate structure can be seen as a current alteration between 
0.60 V and 0.80 V vs RHE (indicated by “*”). Its shift towards more negative potential values 
reveals the destabilization of the anion adlayer caused by the cations with increasing size.247 
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Figure 3.21. CVs obtained for Pt(111) in Ar-saturated solution of 0.05 M H2SO4 + 0.05 M X2SO4 (where 
X = Li, Na, K, Rb, Cs). Taken from reference 247. 
It should be noted that also in the systems containing acidic solutions, the intensity of the cation 
effect depends on the electrode material. For instance, Strmcnik et al. show that the influence 
of the electrolyte species on the ORR activity decreases at the monocrystalline gold electrodes. 
As further claimed by the authors, the observed effect originates from the smaller coverage by 
hydroxyl at the gold surface, which makes the electrolyte influence less noticeable.173  
 
• Anion and pH Effect 
 
Since many types of anions have been identified to be poisonous to the catalytic centers, it is 
often easier to notice their effect in heterogeneous catalysis.254,255,256,257,258,259 For instance, 
species, such as SO4
2- , are known for their ability to specifically adsorb at the active sites of 
the platinum surfaces lowering their activity towards many reactions.260,261,262 The influence of 
the anions can be seen in Figure 3.22 representing the HER and OER in acidic media in the 
presence of SO4
2- and ClO4
- at Pt and Ir electrodes. While the presence of different anions does 
not affect the former reaction,263 it alters the catalytic activity towards the latter one.264 One can 
see that perchlorates, known for their weaker adsorption on the metal surfaces, enable better 
performance of the Ir electrocatalyst during the OER.  
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Figure 3.22. (A) Polarization curves obtained for Ptpc electrodes immersed in H2-saturated 
0.05 M H2SO4 and 0.1 M HClO4 solutions. The dotted blue line represents a theoretical curve for the 
HOR. (B) OER curves recorded at Ir-oxide thin films in the 0.05 M H2SO4 and 0.1 M HClO4 electrolytes 
(pH 1). Taken from reference 263. 
While in many cases the influence of the anions can be foreseen, the interpretation of the pH 
effect is more complicated.265,266 Predictably, basic principles portrayed by the Nernst equation 
should describe processes directly involving hydrogen or hydroxyl species (e.g., HER or 
ORR).267 In reality, however, in many reactions crucial for the energy conversion and storage, 
this basic tenet often does not explain the observed trends.268,269 For instance, it has been shown 
that in alkaline solutions, OH-adsorption occurs at more negative potentials than it had been 
expected.270 As a consequence, the alkali-metal cations present in the electrolyte interact with 
OH(ads) more easily leading to an increase in the cation concentration in the vicinity of the 
surface. This should further hinder the transport of the protons to the interface where the HER 
takes place and, as a consequence, decrease the reaction rate. Interestingly, the non-trivial pH 
dependence can be seen both for the HER and HOR. As shown by Sheng et al., the HER gets 
impeded at higher pH levels (Figure 3.23A).88 A similar effect is observed for the HOR  
(see Figure 3.23B). Also in that manuscript, the authors explain the effect through the prism of 
the hydrogen binding energies, which likely change for different pHs. The differences in the 
activity towards hydrogen evolution and hydrogen oxidation might also originate from the 
changes in the local pH taking place in the near-to-neutral solutions in the vicinity of the 
electrode surface. As claimed by Auinger et al., in such electrolytes, the supply of H+ gets 
slower resulting in a lower rate of the reactions.271 While that theory has been originally 
developed for the near-to-neutral pH solutions, Li et al. further proved that it could also be 
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applied for more acidic electrolytes.272 Interestingly, the change in the local proton 
concentration has been also recognized as the reason of the pH influence on the ORR activity. 
As claimed by Briega-Martos et al., in solutions with pH < 7, the onset potential for oxygen 
reduction at the basal surface gets more positive upon decreasing the concentration of 
hydrogen.273     
 
Figure 3.23. Overpotentials as a function of pH for the (A) HER and the (B) HOR at polycrystalline Pt 
electrodes. Black squares depict results for 0.1 M and 1 M HClO4; green circles – 0.1 M and 1 M H2SO4; 
red up-triangles – 0.1 M H3PO4 and phosphate buffers; blue down-triangles represent results for acetate 
buffers; purple diamonds – citrate buffers; navy left-triangles – borate buffers; orange right-triangles – 
(bi)carbonate buffers; purple stars correspond to values obtained in the 0.1 M KOH solution. Taken 
from reference 88. 
The pH effect on the electrode activity can also vary for different electrode surface structures. 
Particularly interesting is the influence of the pH on the activities towards the ORR at stepped 
platinum surfaces. For example, it was reported that Pt(221) and Pt(331) exhibit the highest 
activities towards this reaction in the acidic solution (0.1 M HClO4).
194 Quite surprisingly, 
however, after immersing the same electrodes in the alkaline media (0.1 M NaOH), their 
surfaces becomes comparatively least active.274 The exceptionally outstanding performance of 
the stepped Pt electrodes in the acidic media can be understood using the binding energies of 
the hydroxyl intermediate as a descriptor (see Section 3.7.1). However, the origin of the 
decreased activity of the electrode immersed in the alkaline solution might be related to the 
higher surface coverage by reaction intermediates (i.e., O(ads) and OH(ads)) occurring in alkaline 
electrolyte.244 An alternative explanation of this effect draws attention to the structure of the 
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surface water layer, which changes according to the pH level and, as a consequence, affects the 
electric field.275  
It should also be noted that, in most cases, model high-pH systems contain alkali-metal 
hydroxides. Therefore, it is not always easy to differentiate between the pH effect and the 
influence resulting from the alkali-metal cations. The performance of such systems can be 
affected by the nature of the cations or by the pH level of the electrolyte used. Nonetheless, the 
development of relatively simple models describing the observed behaviors is necessary for 
further comprehension of electrocatalytic processes.24  
 
3.8 Determination of the Potential of Zero Charge 
 
3.8.1 Capacitance Method  
 
The double-layer capacitance method utilizes the fact that the electrode/electrolyte interface 
can be modeled as a capacitor (see Section 3.6.1).47 As the name suggests, this technique is 
based on the analysis of the double layer capacitance (Cdl) as a function of the applied potential. 
Examination of the Cdl can answer specific questions about the structure of the double layer.
276 
The sought value can be obtained by performing the electrochemical impedance measurements 
(Section 3.9.2).277 According to the Gouy-Chapman-Stern model, the reciprocal of the Cdl on 
surfaces of metal electrodes can be shown as: 
1
𝐶dl
=
1
𝐶i
+
1
𝐶d
 Eq. 3.25 
 
where Ci is the inner layer capacitance, while Cd stands for the diffuse layer capacitance. The 
former value is constant, whereas the latter one varies for different potentials applied. In the 
vicinity of the PZC, the polarization of the interface is small, which results in a parabolic 
dependence between the Cd and the potential. The potential value at which the capacitance 
reaches its local minimum corresponds to the PZC (see Figure 3.24).47,276,278 The characteristic 
“well” is not observed at the potential located far from the PZC where the curve gets flattened. 
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Furthermore, the presented method of the PZC determination cannot be used for highly 
concentrated solutions.47  
 
Figure 3.24. Schematic illustration of an Cd (E) graph. The black arrow points to the local minimum in 
the capacitance which corresponds to the PZC of the system. 
 
3.8.2 CO Displacement  
 
This technique of the PZC determination utilizes the phenomenon of strong CO molecules 
adsorption on Pt substrates.279 In this experiment, the potential-dependent charge is measured 
during the displacement of the EDL with the inert adsorbate.280   
At the beginning of the measurement, a constant potential is applied to the system, and the 
solution is purged with CO. Once the saturation coverage is achieved, the current falls to zero. 
Then, the excess CO is removed from the electrolyte by purging it with Ar. A CV measurement 
allows testing the degree of surface blockage. Finally, CO molecules are voltammetrically 
stripped from the electrode. The process of CO adsorption takes place without changing the 
oxidation state of the adsorbate. Therefore, the charge measured during the adsorption of CO 
(qa) can be expressed as a difference between the total electrode charges before (qi) and after 
(qf) adsorption: 
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𝑞a = 𝑞f − 𝑞i Eq. 3.26 
 
The initial charge is the total charge of the CO-free surface at a given potential of the 
experiment. In order to determine it, the knowledge of the final charge is required. However, 
determination of the qf is usually far from straightforward. Nevertheless, this value is negligibly 
small when compared with the initial charge present at the electrode surface before the 
monoxide adsorption. Therefore, as the first approximation, one can express Eq. 3.26 as:281 
𝑞a ≈ −𝑞i Eq. 3.27 
 
With such an approximation, the CO displacement can be seen as a direct measurement of the 
total charge of the electrode surface at an applied potential. By repeating the experiment at 
different constant potentials (within a regime of CO(ads) stability), or integrating the 
voltammetric current, a q vs E curve can be plotted.279,281,282 The point at which qi is equal to 
zero correlates with the value of the PZC.280    
The CO displacement method can be successfully used to evaluate the relationship between the 
PZC and different step densities165,283 or electrolyte pHs.284 However, as mentioned above, its 
application is limited to the platinum substrates. Furthermore, the assessment of different local 
contributions to the PZC coming from terraces and defects is problematic. The total charge 
measured with this technique can be seen as an average value of positive and negative local 
values of the charge.281  
      
3.8.3 N2O Reduction  
 
As reported by Ebert et al., the irreversible N2O reduction reaction at monocrystalline Pt 
surfaces exhibits sensitivity to the structure of the electrode/electrolyte interface.285 In that 
work, the adsorbed hydrogen was considered as an essential intermediate species of the reaction 
taking place according to the following equation:  
N2O(ads) + H(ads) ⟶ N2(g) + OH(ads) Eq. 3.28 
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Further studies performed by Attard et al. on different transition metals in various electrolytes 
refuted this statement.286 Additionally, they showed that N2O can be utilized for probing the 
local surface charge of the electrode. According to the mechanism proposed by that group, the 
reduction reaction on Pt-group metals is initiated by the adsorption of the N2O molecule at the 
metal surface:281,285  
Pt + N2O 
𝐾
⇄ Pt − N2O(ads) Eq. 3.29 
 
The adsorption step is followed by adsorbate reduction: 
Pt − N2O(ads)
𝑘1
→ Pt − O +N2(g)   (slow) 
Eq. 3.30 
 
Pt − O + 2H+ + 2e−
𝑘2
→ Pt + H2O   (fast) 
Eq. 3.31 
 
Assuming competitive adsorption of hydrogen, anions, and water at the surface, the rate of the 
N2O reduction will be the highest when the amount of free sites available for its adsorption 
reaches the maximum. Interestingly, on many transition metals (i.e., Pt, Ir, Pd, Rh), the potential 
at which such a situation occurs is equal or close to the PZC. It should be also noted that 
adsorption of the N2O molecules on the Pt surface is extremely weak (~20 kJ mole
-1).287 Thus, 
the existence of the oxide at the surface does not influence adsorption of the other species (i.e., 
hydrogen and anions). For these reasons, reduction of N2O can serve as a probe sensitive to the 
total surface charge.286  
The method described above is especially useful in the case of the existence of multiple local 
PZCs. The obtained value can be found as the net sum of dissimilar contributions coming from 
different parts of the surface.281  
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3.8.4 Laser-Induced Current Transients  
 
Application of intense laser light pulses is of crucial importance for electroanalysis. It plays a 
special role both in activating of the surfaces towards electron transfer, as well as in elucidating 
the interfacial structure. For instance, McCreery et al. have reported pioneering studies focusing 
on the application of high-intensity pulses of 1064 nm irradiation to activate the surface of 
highly ordered pyrolytic graphite (HOPG),288 glassy carbon,289,290,291 and platinum.292 The high 
power densities remove adsorbed contaminants and restructure the electrode material. In turn, 
Watanabe et al. have applied the high-intensity pulses of infrared laser light in order to clean 
gold electrode surface by removing their top layer during the potential sweep.293   
Probing the electrode/electrolyte interface with short, powerful laser pulses is also a convenient 
way of analyzing the electrochemical systems.45,294,295 This method was developed and widely 
described in the 1980’s by Benderskii et al.296,297,298 In those studies, the authors, for the first 
time, applied the so-called temperature jump effect to probe the EDL formed between an 
aqueous electrolyte and a mercury electrode.299 More recently Feldberg et al. used a similar 
approach in order to investigate the kinetics of the electrochemical processes occurring on 
platinum electrodes.299,300 Climent et al. have also adopted this method; however, they used a 
lower density light with a wavelength of 532 nm to study the surface charge of Au(111)295,301 
and Pt(111)302 electrodes. Applying the laser to experiments on the interface rapidly shifts the 
thermodynamic equilibrium which enables to study the dynamics of interfacial processes. This 
technique also allows separating the double layer response from the charge transfer processes. 
This is possible because the high power illumination results in a rapid temperature jump, which 
is simply too fast for the charge transfer to proceed.302 Independent studies have shown that for 
particularly quick processes (e.g., hydrogen adsorption), very high frequencies up to 1 MHz 
would be needed in order to reach such a separation using the impedance spectroscopy.303 
Taking into account the aforementioned facts, the application of the temperature effect in the 
examination of the interface of electrochemical systems appears to be particularly useful.  
A proper selection of the beam energy and the wavelength of the laser light are important factors 
to be considered while probing the solid/liquid interface. While too strong laser beams can 
extensively heat the electrode up or even damage its surface, an incorrectly selected wavelength 
can result in side effects, such as photoemission of electrons.301   
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Assuming a negligible penetration depth of the light, the temperature change of the electrode 
surface after a laser illumination can be given as:295,297,302 
∆𝑇(𝑡) =
1
√𝜋𝜅𝑐𝜌 − √𝜋𝜅1𝑐1𝜌1
∫ 𝑝(𝑡 − 𝑡′) −
1
√𝑡′
𝑑𝑡′
𝑡
0
 Eq. 3.32 
 
where κ and κ1, c and c1, as well as ρ and ρ1, are the thermal conductivities, thermal capacities, 
and densities of the metal electrode (without the subscript) and the aqueous electrolyte (with 
the subscript “1”). The parameter 𝑝 represents the power density absorbed by a metal electrode. 
It depends on the temporal shape of the laser pulse. This relation can be expressed as:  
𝑝(𝑡) = (1 − 𝛿)𝜖(𝑡) Eq. 3.33 
 
where 𝜖 is the time-dependent energy flux per unit area (considered spatially uniform), and δ 
stands for the reflectivity of the surface.  
For a uniform laser pulse, Eq. 3.32 can be integrated resulting in the following formulas: 
𝛥𝑇(𝑡) =
2(1−𝛿)𝜖
√𝜋𝜅𝑐𝜌−√𝜋𝜅1𝑐1𝜌1
√𝑡      𝑡 ≤  𝑡0  (heating) Eq. 3.34 
  
 𝛥𝑇(𝑡) =
2(1−𝛿)𝜖
√𝜋𝜅𝑐𝜌−√𝜋𝜅1𝑐1𝜌1
[√𝑡 − √𝑡 − 𝑡0]      𝑡 >  𝑡0  (cooling)   
Eq. 3.35 
 
If time is long enough, one can expand the √t − t0 term, keeping only the lower terms in the 
series. After applying the approximation, the temperature decreases in time as: 
∆𝑇(𝑡) =
1
2
∆𝑇0√
𝑡0
𝑡
 Eq. 3.36 
 
Figure 3.25 illustrates the temperature alteration assessed from Eq. 3.32 for a uniform as well 
as for a particular non-uniform laser pulse shape (as depicted in the inset). Additionally, the 
figure shows the temperature obtained with a simulation for the same non-uniform shape. One 
can see that the difference in pulse shapes is visible only at times shorter than ca. 0.02 μs. 
  
64 
 
Furthermore, the different functions become indistinguishable after ca. 0.1 μs which justifies 
the use of Eq. 3.36.295  
 
Figure 3.25. Theoretical temperature change resulting from a laser pulse of 20 mJ cm
-2
 on a gold 
electrode. Solid and dashed lines represent non-uniform and uniform temporal pulse shape, respectively 
(for a negligible penetration depth); circles depict the non-uniform temporal pulse shape (finite 
penetration depth); dotted line with triangles are related to the approximated temperature decay 
proportional to the reciprocal of √𝑡. The inset presents temporal pulse shapes used for the calculations. 
Taken from reference 295. 
If the temperature change is small enough to allow a linear variation of the potential with the 
temperature, it is possible to write: 
∆𝐸 = (
𝜕𝐸
𝜕𝑇
)
𝑞
∆𝑇 = (
𝜕𝐸
𝜕𝑇
)
𝑞
1
2
∆𝑇0√
𝑡0
𝑡
 Eq. 3.37 
 
The temperature coefficient of the open circuit potential can be determined from the slope of 
the plot showing the relation ΔE vs 
1
√𝑡
. Furthermore, based on the electrocapillary equation, one 
can show:304,305 
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(
𝜕𝐸
𝜕𝑇
)
𝑞
= − (
𝜕∆𝑆
𝜕𝑞
)
𝑇
 Eq. 3.38 
 
where ΔS stands for the interfacial entropy of formation of the electrified interface. A plot of 
ΔS can be obtained by integration of a plot of the ΔE vs 
1
√𝑡
 as a function of the double layer 
charge. Moreover, from Eq. 3.38, one can see that if the curve ΔS vs q reaches its maximum, 
the term (
𝜕∆𝑆
𝜕𝑞
)
𝑇
 will be zero. As a consequence, the potential drop resulting from the electrode 
heating will also be zero.  
In general, the response of the system to the rapid increase in the temperature is due to three 
contributions:171 
➢ temperature coefficient of the potential drop through the EDL (
𝜕𝐸
𝜕𝑇
)
𝑞
; 
➢ thermo-diffusion potential caused by the existence of the temperature difference 
between the electrolyte in contact with the working electrode, and the electrolyte in 
contact with the reference electrode; 
➢ temperature gradient in the metal electrode. 
 
The thermo-diffusion potential can be estimated from the so-called Eastman entropy of transfer 
of the ions involved. This can be expressed as:295,306  
∆𝐸TD
∆𝑇
= −
1
𝐹
∑
𝜗n
𝑞n
?̂?n Eq. 3.39 
 
where 𝜗n and ?̂?n stand for the transport number and the Eastman entropy of transport of the ion 
n, respectively. The correction resulting from the thermo-diffusion potential is very small and 
often can be neglected. Furthermore, it has been demonstrated that the contribution related to 
the temperature gradient is also negligible in comparison with the other two.297,300 Therefore, 
the system response after the laser pulse comes largely from the double layer. 
According to the traditional understanding of the double layer, the potential drop at the interface 
can be divided into two parts related to the diffuse and inner layers (see Section 3.6.1). It was 
also pointed out that, due to additional processes, such as electron spillover, the contribution of 
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the inner layers can be further split into two other ones.307 Therefore, the temperature coefficient 
of the potential drop through the EDL can be represented as follows:141,302 
 
(
𝜕𝐸
𝜕𝑇
)
𝑞
= (
𝜕𝛷
𝜕𝑇
)
𝑞
+ (
𝜕𝐸2
𝜕𝑇
)
𝑞
+ (
𝜕𝐸𝑤
𝜕𝑇
)
𝑞
  
Eq. 3.40 
 
where 𝛷 stands for the work function at a given charge 𝑞, 𝐸2 is the potential drop at the diffuse 
layer, and 𝐸𝑤 represents the potential drop due to the solvent structuring. The thermal 
coefficient of the work function can only be measured at 𝑞 = 0.  According to Kaack et al., the 
temperature coefficient of the work function is 
∆𝛷
∆𝑇
 =1.5 x 10-4 eV K-1.308 Even though this value 
is valid only for 𝑞 = 0, it shows the order of magnitude of this contribution. The potential drop 
at the diffuse layer can, in turn, be estimated from the Gouy-Chapman-Stern theory. Both the 
thermal coefficient of the work function and the potential drop at the diffuse layer are negligible 
in comparison to the values obtained for the potential drop coming from the solvent structuring. 
Therefore, it can be assumed that the potential drop through the double layer results mainly 
from the effect of the temperature increase on the structure of the interfacial solvent layer.302  
As the potential changes, the orientation of the interfacial water molecules alters from  
‘‘oxygen-up’’ to ‘‘oxygen-down’’ (see Section 3.6.2).161,309,310 The orientation of the solvent 
molecules is governed by the interactions between the molecules’ dipole moment and the 
electric field generated by the electrode surface charge (Echarge). Because of the large dipole 
moment, the potential drop of the electrode mainly originates from the water molecules (Edipole). 
Hence, the potential between the electrode and the solution (EM-S) can be expressed as:
311,312 
𝐸M−S = 𝐸charge + 𝐸dipole Eq. 3.41 
 
The rapid temperature jump introduces a disorder into the water layer for a very short period of 
time. This results in the change of Edipole and alters the EM-S according to Eq. 3.41. As a 
consequence, one can reveal the charge of the electrode surface. This phenomenon is utilized 
in the so-called laser-induced current transient (LICT) technique. During the laser 
measurement, the laser-induced potential drops are observed as current transients representing 
the relaxation of the electrified interface. The orientation of the recorded transients is, in turn, 
related to the electrode surface charge. Thus, the negative and positive charge will result in the 
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negatively and positively oriented current spikes, respectively. However, at the potentials equal 
to the PME (closely related to the PZC), the system response will not be prominent (Figure 
3.26).295  
 
 
Figure 3.26. Orientation of the LICTs according to the excess surface charge of the electrode. The sign 
of the current transient is strictly related to the sign of the net surface charge. 
In spite of its ability to reveal the electrode surface charge and, as a consequence, its PZC,301 
the LICT is also a convenient method of evaluating a mechanism and kinetics of Faradaic 
processes.313 The possibility of combining it with other commonly used techniques is another 
big advantage over the other methods of the PZC/PME determination making the LICT 
particularly useful for a detailed characterization of electrochemical systems.45   
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3.9  Other Techniques Used in this Work 
 
3.9.1 Cyclic Voltammetry  
 
Cyclic voltammetry (CV) is an electroanalytical technique, in which the current associated with 
the electrode processes is measured as a function of time and an applied potential. During the 
measurement, the voltage changes linearly, while the potential inversion results in a cycle. This 
versatile method finds application in many branches of science, such as electrochemistry, 
chemical physics, biochemistry, organic and inorganic chemistry. Because of its simplicity and 
ability to provide valuable information even about complex electrode reactions, the CV is 
frequently used as the initial characterization method in analyses of new systems.47,314,315,316,317 
 
Figure 3.27. (A) Schematic representation of a cyclic voltammogram. Black arrows indicate the scan 
direction. (B) Potential change in time during CV measurements. E
i
- initial potential value; E
λ1
 and E
λ2
- 
switching potentials. Adapted  from reference 47. 
The plot obtained in a CV experiment, known as a voltammogram (Figure 3.27A), displays the 
change of the current (vertical axis) as a function of the applied voltage (horizontal axis). Due 
to the linear change of the potential, the horizontal axis can also represent time. Depicting the 
current response as a function of time can be particularly useful in comprehending the 
fundamental principles of the technique.316 During the CV measurement, the potential of the 
working electrode is swept linearly from a set initial value, Ei, up to a so-called switching 
potential, Eλ1. After reaching the Eλ1, the scan direction gets reversed approaching another 
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preselected value, Eλ2 (see Figure 3.27B). The cycle within the preset voltage range can be 
repeated as many times as needed.315  
The shape of the consecutive cycles can differ from the shape of the first scan. These changes, 
however, carry information about mechanisms of the reactions taking place in a studied 
electrochemical system.315 Notably, the alteration of the obtained voltammograms can also 
originate from the scan rate, υ, of an experiment. The increase in its value usually results in the 
increase in the recorded peak currents.47 Therefore, the υ is usually provided as an important 
parameter of the CV measurements. 
 
3.9.2 Impedance Spectroscopy 
 
The electrochemical impedance spectroscopy (EIS) is a method of an electrochemical 
characterization of materials and interfaces formed between them and electronically conductive 
electrolytes.318 Its application dates back to the end of the 19th century when Nernst for the first 
time used this method in his work.319 Further studies conducted by Warburg made it possible 
to employ the EIS to the analysis of redox reactions.320    
During an EIS experiment, the signal is measured as a frequency function at a constant 
potential. This undoubtedly makes this technique special among the other methods of 
electrochemical analysis which typically present the evolution of the measured current, 
electrode voltage, or charge as a function of time.321 The general idea during the EIS experiment 
is to apply an electrical stimulus to the electrodes and record the system answer. The former is 
a periodically altered potential or current, while the latter is the resulting current or potential, 
respectively. The amplitude of alternating current (AC) signals ought to be as small as possible. 
The application of sufficiently small signals allows considering the examined systems as 
pseudo-linear.318  
During the electrode probing, a sinusoidal voltage is used:322,323 
𝐸(𝜔, 𝑡) = 𝐸0𝑠𝑖𝑛 (𝜔𝑡) Eq. 3.42 
 
with an amplitude E0 and an angular frequency ω. The relation between the frequency, f, and ω 
can be expressed as: 
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𝜔 = 2𝜋𝑓 Eq. 3.43 
 
In a linear system, the response current, i, is measured with a different amplitude than the 
current signal, i0, and is shifted in phase by an angle θ:   
𝑖(𝜔, 𝑡) = 𝑖0𝑠𝑖𝑛(𝜔𝑡 + 𝜃) Eq. 3.44 
 
The impedance of the system, Z(ω,t), can be determined from an expression analogous to 
Ohm’s law: 
𝑍(𝜔, 𝑡) =
𝐸(𝜔, 𝑡)
𝑖(𝜔, 𝑡)
 
Eq. 3.45 
 
Both the numerator and the denominator of Eq. 3.45 can be described using the complex 
number notation. Taking j as the imaginary unit, one can rewrite this equation as follows: 
𝑍(𝜔, 𝑡) =
𝐸(𝜔, 𝑡)
𝑖(𝜔, 𝑡)
=
𝐸0
𝑖0
𝑒𝑗𝜃 = |𝑍(𝜔)|𝑒𝑗𝜃 
Eq. 3.46 
 
where |Z| stands for the impedance modulus. By employing Euler’s formula, one can express 
Eq. 3.46 as: 
𝑍(𝜔, 𝑡) = |𝑍(𝜔)|(𝑐𝑜𝑠 𝜃 + 𝑗 𝑠𝑖𝑛 𝜃) = 𝑍𝑅𝑒(𝜔) + 𝑗𝑍𝐼𝑚(𝜔) Eq. 3.47 
 
ZRe is the real part, while ZIm represents the imaginary part of the impedance. The modulus of 
the impedance can be calculated from: 
|𝑍(𝜔)| = √𝑍𝑅𝑒
2(𝜔) + 𝑍𝐼𝑚
2(𝜔)  Eq. 3.48 
 
whereas the following equation can be used to evaluate the phase angle: 
𝜃(𝜔) = 𝑡𝑎𝑛−1 [
𝑍𝐼𝑚(𝜔)
𝑍𝑅𝑒(𝜔)
] 
Eq. 3.49 
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The impedance data are usually represented in two ways. The first one, known as the Nyquist 
plot, displays the imaginary parts, ZIm, as a function of the corresponding real parts, ZRe, for 
different frequency values (see Figure 3.28A). Even though the Nyquist plots are found to be 
the most compact, they have one significant drawback, namely they do not clearly display the 
frequency dependence. The other possibility of representing the data is the so-called Bode plot. 
Here, the logarithm of the impedance modulus, log|Z|, and the phase angle, θ, are plotted against 
the logarithm of frequency, log f (see Figure 3.28B and C).322,323   
 
 
Figure 3.28. Schematic representations of: (A) Nyquist plot, (B) impedance Bode plot, and (C) phase 
Bode plot together with the (D) corresponding circuit representing the impedance behavior of the 
investigated electrochemical reaction. Adapted from 47.  
To simplify the study of the electrochemical systems, they are usually modelled with equivalent 
electric circuits (EECs) consisting of various elements describing the system behavior. Figure 
3.28D shows an example of a simple EEC. Typically the circuits can contain resistances, R, 
capacitances, C, inductances, L, or diffusion Warburg impedance, W. Another frequently used 
element is the constant phase element (CPE, depicted in Figure 3.28D as Zdl) which describes 
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the capacitances existing in porous systems in which the energy of the probing signal is 
noticeably dissipated.322  
In order to acquire reliable results, the EIS measurement should be performed in accordance 
with three fundamental requirements: (i) causality, (ii) stability, and (iii) finiteness. According 
to the first requirement, the answer of the studied system has to come exclusively from the 
applied AC stimulus. To satisfy the stability criterion, it is necessary to ensure that during the 
measurement, the properties of the examined system do not change. Finally, the finiteness 
condition means that within the set frequency regime the real and imaginary parts of the 
impedance should have finite values.322 There are a few methods allowing the validity 
assessment of the impedance analysis. One of them is the Kramers-Kronig transformations.324 
The EIS is a sensitive technique providing a lot of information about the system behavior. As a 
very universal technique, the EIS can provide information about the dynamics of the mobile 
and bound charge at any region of electrochemical systems. It is usually utilized to evaluate the 
kinetics and mechanisms of the processes. Furthermore, it can be used to determine 
capacitances, resistances, or even real surface areas of electrodes. It can serve in the 
examination of almost any physicochemical system. It finds an application in fuel cell tests, 
characterization of batteries, electrochemical capacitors, semiconductors, as well as in 
corrosion and biomolecular studies. Although the big amount of information obtained from the 
EIS measurement is an obvious advantage, it can also generate ambiguities in the interpretation 
of the obtained data. This can be a case during the characterization of more complex 
electrochemical systems. In such situations, prior characterization studies including DC 
electrochemical measurements are necessary.318,321,325   
 
3.9.3 Quartz Crystal Microbalance  
 
The electrochemical quartz crystal microbalance (EQCM) is a simple, cost-effective, and non-
destructive technique used to monitor changes of the electrode mass on the ng to μg 
scale.326,327,328 The observed changes are usually caused by deposition of a material at the 
electrode or its removal from the surface. It finds application in many kinds of electroanalytical 
studies, such as underpotential deposition of metals, intercalation/deintercalation of ions, or 
adsorption/desorption of species.47,329 The working principle of this technique is based on the 
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piezoelectric nature of a precisely cut slab of monocrystalline quartz, which undergoes slight 
deformation in the presence of an electric field.47,330 Initially developed by Sauerbray to control 
mass changes in a vacuum and gas-phase measurements, the EQCM has been successfully 
adapted to experiments in liquid environments.326,330  
 
Figure 3.29. Schematic depiction of an EQCM crystal wafer with metal electrodes. (A) Top view;  
(B) ’’3/4’’ view; (C) cross-section of a chip. A EQCM crystal wafer is usually a thin round slab with a 
diameter of 1 inch and thickness of 331 μm. After applying an electric field, the electrodes get displaced. 
Black arrows show the direction of the shear deformation. 
A quartz wafer is typically sandwiched between two electrodes deposited on its surfaces 
(Figure 3.29) and placed in an O-ring joint with only one side exposed to the solution. The 
applied sinusoidal electric signal generates a mechanical oscillation in the bulk of the quartz 
slab. The resonant mode is a specific feature of the crystal. Depending on its shape, size, and 
thickness, the quartz crystal oscillates at a given frequency f0. For a conventional wafer having 
a diameter of 1 inch and a thickness of 331 μm this frequency is ca. 5 MHz. The direction of 
the oscillation is related to the orientation of the crystal structure. In the AT-cut quartz wafers 
used in the EQCM the shear wave oscillations dominate. 
The parameter f0 exhibits a sensitivity to mass changes occurring at the wafer surface. The 
alteration of the f0 can be given as:
47,326,328,330  
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∆𝑓 =
−2∆𝑚𝑛𝑓0
2
√𝜌Q𝜇
= −𝐶S∆𝑚 Eq. 3.50 
 
In this expression, known as the Sauerbrey equation, ∆f represents the change in the frequency 
resulting from the increase or decrease in mass (per unit area) depicted as ∆m, n stands for the 
harmonic number of the oscillation (for a 5 MHz crystal, this value is equal to unity), ρ 
represents the density of quartz (2.648 g cm-3), while μ is the shear modulus  
(2.947·1011 g cm-1s-2). The constant values can be grouped together and shown as CS. The CS 
is known as the sensitivity factor. Both f0 and CS vary for different media in which the crystal 
operates. Even though the AT-cut quartz crystal exhibits a low-temperature coefficient 
preventing temperature-driven changes in frequency, its behavior can be still indirectly affected 
by this physical parameter. This can happen due to the alteration in the viscosity and density of 
a solution affecting the oscillation frequency of the wafer.  
A typical EQCM device allows the frequency measurements with a precision up to 1 Hz. On 
the basis of Eq. 3.50, higher sensitivities could be achieved by operating at higher harmonics 
or using crystals with a higher f0 value. Such crystals, however, are usually very thin and fragile. 
Furthermore, using thinner wafers requires the application of more complex equipment. Thus, 
the use of 5 MHz crystal is the most common practice in laboratories nowadays.  
Even though the presented technique gives a broad spectrum of possibilities to apply in the 
investigation of various systems, it might be limited by the thickness and the nature of the 
deposited materials. Particularly problematic are the viscoelastic effects which appear to play a 
role in experiments with certain kinds of polymers.47 
 
3.9.4 Atomic Force Microscopy 
 
The atomic force microscopy (AFM) is a technique used to probe and image surface structures 
with exceptionally high accuracy and resolution. It was developed as a variation of the scanning 
tunneling microscopy. Unlike its predecessor, the AFM does not require electrical conductivity 
of the investigated surfaces. Its operation is based on measuring forces or interatomic 
interactions occurring between a sharp probing tip and a sample originating from electrostatic 
and van der Waals forces. The tip, usually made from SiO2 or Si3N4, is supported by the elastic 
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Si cantilever which gets bent as a result of tip-surface forces. The analyzed sample is placed on 
the piezo scanner. The sample holder moves in the x-, y-, and z-direction. During a surface scan, 
changes in the cantilever deflection are measured. This measurement is typically performed by 
monitoring the reflection of the laser beam from the back of the cantilever. The position of the 
reflected laser beam at the detector alters together with the motion of the cantilever.47,331  
The surface analysis can be carried out in a few modes. For instance, in the so-called contact 
mode, the distance between the tip and the sample surface is reduced to the minimum. In such 
a setting the acting forces are mainly repulsive. During the measurement, the beam deflection 
is kept at a certain value (known as a set-point), and the tip moves in the z-direction. The altering 
piezo voltage is recorded in a function of the position. The contact mode ensures high 
resolution; however, in some cases, the direct contact between the tip and the surface can cause 
problems including the damage of the sample. Analogously, if the cantilever is located far away 
from the surface, the measurements are performed in the non-contact mode. In this mode, the 
measured net forces are only attractive. The use of the non-contact AFM eliminates the issues 
related to the direct tip-surface interactions. The increased sensitivity of this AFM type results, 
however, in a decreased resolution of acquired topographical information of examined surfaces. 
The tapping mode, in turn, combines features of both modes presented above. During the 
measurements with this kind of the AFM, the cantilever oscillates at or close to its natural 
resonance frequency with the oscillation amplitude set at the fixed value. While approaching 
the surface at the bottom of an oscillation, the tip taps the sample. As a consequence, the 
swinging amplitude alters. Depending on the surface topography, the vibration amplitude can 
either decrease or increase reaching its free air amplitude. By recording changes in oscillation 
amplitude, one can obtain an AFM image.47,139,331,332,333,334,335,336,337  
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4. Experimental Part 
 
4.1 Electrochemical Cells 
 
The measurements reported in this work were performed using three different electrochemical 
cells. Prior to the measurements, the whole glassware was cleaned with a mixture of a 
concentrated 96% solution of H2SO4 and a 30% solution of H2O2, and abundantly rinsed with 
ultrapure water. Subsequently, each cell compartment was boiled several times in ultrapure 
water.  
 
4.1.1 Cell for Voltammetric, Impedance, Nanogravimetric, and Laser Experiments 
 
The CV experiments (on the quartz crystal wafer electrodes) and the corresponding EIS, 
EQCM, and LICT measurements  were performed in a custom-built electrochemical glass cell 
using a three-electrode configuration. As presented in Figure 4.1, the cell consisted of two main 
parts: (1) the preconditioning compartment and (2) the working compartment. The solution in 
the preconditioning part was purged with gases which flushed the chamber through the 
separated inlet and outlet. Depending on the experiment, Ar or O2 was used. The preconditioned 
electrolyte was further introduced into the working compartment, where actual measurements 
were performed. This part of the cell was additionally equipped with a flat, laser light 
transmittable glass window located on the side of the cell. The window was mounted in order 
to ensure that the laser beam would reach the electrode surface with the possibly smallest 
perturbation. The additional gas inlet and outlet allowed to control the atmosphere inside the 
working compartment during the experiments. AT-cut quartz crystal wafer EQCM electrodes 
served as working electrodes. Depending on the experiment, they consisted of platinum, gold, 
or indium tin oxide (ITO) materials. A Pt wire was employed as a counter electrode, while 
mercury-mercury sulfate (MMS) and silver-silver chloride (SSC) electrodes were used as the 
reference electrodes (REs). Each RE was placed in a Luggin capillary including a ceramic insert 
conductive for ions. Bringing its tip as close as possible to the WE surface allowed to maximally 
decrease the ohmic potential drop.338 All the potentials measured versus the MMS and reported 
in this work were converted to the RHE scale.  
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Figure 4.1. Scheme of the electrochemical cell used for the CV, EIS, EQCM, and LICT measurements 
of the quartz crystal wafer electrodes. 1- preconditioning compartment; 2- working compartment. 
 
4.1.2 Cells for Activity Measurements 
 
The HER and ORR activity measurements of the polycrystalline metal electrodes were 
performed using two different electrochemical cells. Their schematic illustrations are depicted 
in Figure 4.2A and Figure 4.2B. 
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Figure 4.2. Scheme of the cells used for the activity measurements of metal electrodes.  
1- preconditioning compartment; 2- working compartment. Part A was adapted from reference 339.  
Similar to the cell described in the previous section, the first cell used for the activity 
measurements consisted of two main parts (see Figure 4.2A), namely (1) the preconditioning 
and (2) working compartments. The presence of separated inlets and outlets in both parts 
allowed to flush them with gases during the preparation of electrolytes as well as during actual 
measurements. The WE was inserted into the working compartment using the hanging meniscus 
rotating disk electrode (HMRDE) configuration which ensured a better mass transport during 
the measurement.340 A movable shaft enabled to vertically adjust the position of the WE. By 
using the shaft, it was possible to bring the WE into contact with the solution and form the 
optimal shape of the meniscus. A Pt wire served as the CE, while the MMS electrode was used 
as the RE. Similar as for the other cell, the RE was introduced into the system through a Luggin 
capillary with a ceramic insert conductive for ions. The working compartment additionally 
contained a dummy electrode (DE) made of a Pt wire. The DE was connected in parallel with 
the WE. Using the DE ensured the control of the WE potential during the replacement of the 
electrolyte.339 The working chamber was equipped with separated gas inlet and outlet allowing 
to continuously purge the solution with gases during measurements.  
The second cell (Figure 4.2B) consisted of a single glass compartment. It contained a gas inlet 
through which Ar, H2, or O2 gases were supplied into the investigated systems. In the described 
cell, a platinum mesh served as the CE. The use of the metal mesh ensured a large surface area 
of the electrode. A MMS electrode was employed as the RE. It was introduced into the cell 
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through a Luggin capillary. As in the case described before, the WE was placed into the cell 
using the HMRDE configuration. The vertically movable shaft controlled the position of the 
WE.         
 
4.2 Preparation of Electrolytes 
 
Aqueous electrolytes of HClO4 and H2SO4 used for cleaning the electrodes and performing 
further electrocatalytic measurements were prepared by diluting concentrated acid solutions in 
ultrapure water. To prepare aqueous solutions of Na2SO4, K2SO4, K3[Fe(CN)6], NiCl2, CoCl2, 
NaCl, NaClO4, as well as NaOH and KOH used to adjust the pH of electrolytes, appropriate 
amounts of salt powders or base flakes were dissolved in ultrapure water.  
Whereas the obtained solutions of most of the compounds were directly employed in the 
experiments, pHs of 0.5 M Na2SO4 and 0.5 M K2SO4 were set to arbitrarily selected values 
using diluted bases and sulfuric acid. The final pH levels were checked using a portable pH 
meter. Depending on the subsequent experiment, the measured electrolytes were pre-purged 
with Ar, H2, or O2 for at least 10 min.  
The detailed list of the chemicals used can be found at the end of this chapter.  
 
4.3 Preparation of Electrodes 
 
4.3.1 Preparation of AT-cut Pt and Au Quartz Crystal Wafers 
 
AT-cut polycrystalline platinum and gold quartz crystal wafer electrodes with the surface area 
of 1.37 cm2 were used. Prior to the measurements, the Pt and Au surfaces were 
electrochemically cleaned by cycling them in Ar-saturated 0.1 M HClO4 and 0.1 M H2SO4, 
respectively. In the case of Pt, the chosen voltage range was between 0.00 V and 1.40 V  
vs RHE, which, after obtaining a stable CV, was narrowed down to 0.06 V and 1.00 V vs RHE. 
In turn, the Au electrodes were cycled within the set potential regime of -0.20 V – 1.40 V vs 
SSC. The CVs were performed at a scan rate of 50 mV s-1. In order to ensure the desired quality 
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of the surface, the obtained voltammograms were further compared with the CVs available in 
the literature. After the electrochemical cleaning, the electrodes were abundantly rinsed with 
ultrapure water.  
 
4.3.2 Preparation of Pt Microelectrodes and Pt Disk Electrodes   
 
Analogous electrochemical cleaning procedure was used in the case of the platinum 
microelectrodes with a diameter of 25 μm, and platinum disk electrodes with a diameter of 
5 nm. The metal surfaces were cycled between -0.10 V and 1.80 V vs RHE in Ar-saturated 
0.1 M HClO4. The processes were performed until stable voltammograms were recorded. In the 
next step, the potential ranges were narrowed down to the regimes of 0.10 V – 0.80 V vs RHE. 
The CVs were performed at a scan rate of 50 mV s-1. The voltammograms recorded this way 
were compared with voltammograms available in the literature. 
 
4.3.3 Preparation of the Polycrystalline Bead Au Electrode 
 
A homemade polycrystalline gold electrode with a surface area of 0.136 cm2 was utilized. 
Before the measurements, the gold electrode was electrochemically cleaned by cycling its 
surface in the 0.1 M H2SO4 solution within a potential range of 0.30 V – 1.50 V vs RHE. The 
CVs were performed at a scan rate of 50 mV s-1. Then, the resulting voltammograms were 
compared with those available in the literature.   
 
4.3.4 Preparation of AT-cut ITO Quartz Crystal Wafers 
 
AT-cut ITO quartz crystal wafer electrodes with the surface area of 1.37 cm2 were additionally 
used as support electrodes for Mn2O3 films. The ITO is an n-type semiconductor exhibiting 
excellent electrical conductivity.341 Due to the wide gap (3.3 – 4.3 eV which corresponds to the 
wavelength range of ca. 375 – 290 nm) and high transparency to the visible light,342,343,344 the 
pure ITO electrode itself did not show any response to the laser illumination. Prior to the 
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experiments, the ITO surfaces were rinsed with 0.1 M KOH and a generous amount of ultrapure 
water. 
4.3.5 Preparation of Mn2O3 Electrodes  
 
A Mn2O3 ink was prepared by dispersing 1.5 mg of Mn2O3 in 1 ml of water and ultrasonicating 
the obtained mixture for 30 min. Then, a small amount of the resulting slurry was drop-casted 
at the surfaces of freshly cleaned AT-cut ITO quartz crystal wafers and dried. The dried 
electrode chip was mounted in the EQCM holder and carefully placed in the electrochemical 
cell. 
 
4.3.6 Na2Ni[Fe(CN)6] (NiHCF) and Na2Co[Fe(CN)6] (CoHCF) Films Deposition 
 
Both the Na2Ni[Fe(CN)6] (NiHCF) and the Na2Co[Fe(CN)6] (CoHCF) thin films were 
electrodeposited on a clean Au quartz crystal electrode from Ar-saturated aqueous solutions 
based on the procedure described in reference 12. The utilized electrolytes were mixtures of 
0.25 M Na2SO4, 0.5 mM K3Fe(CN)6 and, depending on the type of the film, 0.5 mM NiCl2 (for 
NiHCF) or 0.5 mM CoCl2 (for CoHCF) solutions. The thin films were deposited via cycling the 
electrode potential within the set ranges at a scan rate of 50 mV s-1. The potential regimes were 
0.12 V – 0.92 V vs SSC and -0.20 V – 1.10 V vs SSC for Ni- and Co-containing films, 
respectively. During deposition, the mass alteration of the WE was simultaneously recorded 
using the EQCM. The cycling of the electrodes was continuously repeated until the desired 
mass value was reached. 
 
4.4 Setup for Voltammetric, Impedance, Nanogravimetric, and Laser 
Experiments  
 
The CV experiments (on the quartz crystal wafer electrodes) and the corresponding EQCM, 
EIS, and LICT measurements were performed using a specially designed setup consisting of a 
VSP-300 potentiostat, a QCM 200 EQCM device, and a Quanta-Ray INDI-Series pulsed 
Nd:YAG laser (Figure 4.3). A VA-CB-532-CONEX motorized high-energy variable beam 
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splitter connected with a BD-7 passively air-cooled beam dump additionally served to regulate 
the power of the laser beam. Connecting all the components to a PC allowed a real-time control 
of the performed measurements.  
 
 
Figure 4.3. Scheme of the experimental setup used to perform voltammetric, impedance, 
nanogravimetric, and laser measurements.  
 
4.4.1 Laser Measurements  
 
The laser measurements were performed using a Quanta-Ray INDI-Series pulsed Nd:YAG 
laser. The repetition rate of the device was 10 Hz, while its pulse width and wavelength were 
5-8 ns and 532 nm, respectively. This laser beam wavelength value is commonly used in studies 
employing laser-induced transient techniques. The choice of this value is typically motivated 
by the desire to avoid side effects, such as photoemission of electrons,295 as for numerous 
materials the photoemission threshold oscillates between 200 and 300 nm.172,301,306,312 The laser 
beam diameter was equal to ~9 mm, which was slightly smaller than the diameter of the WE. 
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Along with the distance between the laser output and the WE, the beam diameter was kept 
constant. The energy of the laser beam directly at its output was ~200 mJ, which resulted in the 
energy density of more than 300 mJ cm-2. This value was far above the damage threshold of 
most of the electrode materials. In order to reduce it, the beam was passed through the 
attenuator. Transients were acquired by recording current alterations over time right after 
illuminating the electrode surface. The representative LICTs were further plotted as a function 
of the WE potential.  
 
4.5 Characterization of Electrodes 
 
4.5.1 Characterization of AT-cut Pt and Au Quartz Crystal Wafer Electrodes 
 
Freshly cleaned AT-cut polycrystalline Au quartz crystal wafers were introduced into the Ar-
saturated 0.25 M Na2SO4 and 0.25 M K2SO4 electrolytes. Then, the LICT method was used to 
investigate the effective charge of the electrode surfaces. The laser experiments were conducted 
within the potential ranges of -1.50 V – 0.50 V vs SSC (-1.10 V – 0.90 V vs RHE) and  
-1.50 V – 1.50 V vs SSC (-0.90 V – 2.10 V vs RHE) in the 0.25 M Na2SO4 and 0.25 M K2SO4 
electrolytes, respectively. All the measurements were performed with a positive scan direction 
using 20 mV potential steps. The energy of the laser beam was kept at ~12 mJ (energy density: 
~19 mJ cm-2).  
In turn, clean AT-cut polycrystalline Pt quartz crystal wafers were introduced into the Ar-
saturated 0.5 M Na2SO4 and 0.5 M K2SO4 electrolytes at the various pH values (see Table 4.1). 
The quality of the electrode was additionally checked by performing a voltammetric scan within 
a potential range of 0.06 V – 1.00 V vs RHE. The interfaces formed between the metal surfaces 
and the aqueous solutions were further examined using the LICT technique. The electrodes 
were probed with the laser beam with energy of ~10 mJ (energy density: ~16 mJ cm-2). The Pt 
surfaces in 0.5 M Na2SO4 were investigated within a potential range of 0.04 V – 0.96 V vs RHE. 
In turn, the initial potential range used to examine the electrodes in 0.5 M K2SO4 (pH 1 and  
pH 3) was 0.06 V – 0.74 V vs RHE; however, in the following experiments with the K+-
containing solution, the wider voltage regime of 0.06 V – 0.94 V vs RHE was used. It should 
be also noted that in some solutions (e.g., pH 6), the potential ranges were further extended 
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towards more negative potentials, as it allowed a more precise estimation of the resulting PMEs. 
The potential step used during the measurements was 20 mV, while the scan direction at each 
series of measurements was positive.  
Table 4.1. Electrolytes used for the LICT characterization of AT-cut polycrystalline Pt quartz crystal 
wafers together with their adjusted pH values. 
Electrolyte pH values 
0.5 M Na2SO4 
1, 2, 3, 4, 5, 6, 7, 8, 9, 9.50,  
10, 11, 12, 12.40, 13, 13.30 
0.5 M K2SO4 
1, 1.70, 2, 3, 4, 5, 6, 7, 8,  
9, 10.20, 11, 13, 13.70 
  
4.5.2 Characterization of Pt and Au Electrodes  
 
The HER and ORR activities of the polycrystalline Pt microelectrode, Pt disk electrode, and 
Au bead electrode in different H2- or O2-saturated solutions were measured using the CV. The 
freshly cleaned Pt microelectrode was immersed in the working electrolyte and cycled within 
the set potential range. The Pt disk and Au bead electrodes, in turn, were introduced into the 
cell under the constant potential of 0.00 V vs RHE under the HMRDE configuration. During 
the voltammetric measurements, the disk and bead electrodes were rotated with a rotation speed 
of 400 rpm. The electrolytes used in the experiments and the potential ranges chosen for the 
HER and ORR activity measurements are shown in Table 4.2 and Table 4.3, respectively. 
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Table 4.2. Electrodes, electrolytes, corresponding potential ranges, and scan rates used during the HER 
activity measurements.  
Electrode Electrolyte E range vs RHE Scan rate 
Ptpc,ME 1 M HClO4, H2 -0.10 – 0.10 V 10 mV s-1 
Ptpc,ME 0.1 M HClO4, H2 -0.10 – 0.10 V 10 mV s-1 
Ptpc,ME 0.01 M HClO4, H2 -0.10 – 0.10 V 10 mV s-1 
Ptpc 0.5 M Na2SO4 (pH 6), H2 -1.20 – 0.20 V 50 mV s-1 
Ptpc 0.5 M K2SO4 (pH 6), H2 -1.20 – 0.20 V 50 mV s-1 
Aupc 0.25 M Na2SO4, H2 -1.60 – 0.20 V 50 mV s-1 
Aupc 0.25 M K2SO4, H2 -1.60 – 0.20 V 50 mV s-1 
 
Table 4.3. Electrodes, electrolytes, corresponding potential ranges, and scan rates used during the ORR 
activity measurements.   
Electrode Electrolyte E range vs RHE Scan rate 
Ptpc,ME 1 M HClO4, O2 0.10 – 1.20 V 10 mV s-1 
Ptpc,ME 0.1 M HClO4, O2 0.10 – 1.20 V 10 mV s-1 
Ptpc,ME 0.01 M HClO4, O2 0.15 – 1.20 V 10 mV s-1 
Ptpc 0.5 M Na2SO4 (pH 6), O2 -0.05 – 1.20 V 50 mV s-1 
Ptpc 0.5 M K2SO4 (pH 6), O2 0.05 – 1.20 V 50 mV s-1 
Aupc 0.25 M Na2SO4, O2 0.05 – 1.20 V 50 mV s-1 
Aupc 0.25 M K2SO4, O2 0.05 – 1.20 V 50 mV s-1 
 
4.5.3 Characterization of Mn2O3 Electrodes  
 
Mn2O3 electrodes were initially characterized in O2-saturated 1 M NaOH solutions with  
the CV without rotating. The electrode potential was cycled within the range between -0.20 V 
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and 1.20 V vs RHE at a scan rate of 50 mV s-1. In the next step, the electrochemical interface 
of the electrodes was probed by the LICT technique. In this case, due to the extremely low 
stability of the electrode, the laser beam energy was decreased to ~8 mJ (energy density of  
~13 mJ cm-2). The experiments were carried out with a scan direction from the negative 
voltages towards the positive ones using 20 mV steps.  
Subsequently, the electrodes were studied with the EIS using an AC probing signal amplitude 
of 10 mV over the frequency range between 900 kHz and 10 Hz. The measurements were 
carried out in the following potentials: 0.14 V, 0.74 V, 0.84 V, 1.09 V, and 1.14 V vs RHE. The 
resulting spectra were fitted using the homemade ‘‘EIS Data Analysis 1.1’’and ‘‘EIS Data 
Analysis 1.2’’ software. The validation process of the impedance analysis was performed 
following the concepts and algorithms described in references 345 and 346. For example, the 
Kramers-Kronig test did not reveal any problem regarding the quality of the impedance fitting.    
 
4.5.4 Characterization of Battery Films  
 
The electrodes were characterized during intercalation and deintercalation in various Ar-
saturated aqueous solutions. The WEs were cycled with the scan rate of 50 mV s-1 within the 
voltage regimes at which different alkali-metal cations intercalate into and deintercalate from 
the film structures. The simultaneous EQCM measurements made it possible to control the 
electrode mass change during insertion and extraction of the ions. The electrolytes as well as 
the potential regimes used to study the PBA films are presented in Table 4.4. It should be 
mentioned that the potential range in the experiments with CoHCF in sodium chloride was 
narrowed down in order to avoid chlorine evolution.  
Table 4.4. Electrolytes and potential ranges utilized to characterize battery films.  
Film compound Electrolyte used E range vs SSC 
NiHCF 0.25 M Na2SO4 0.12 V – 0.92 V 
NiHCF 0.25 M K2SO4 0.22 V – 1.02 V 
CoHCF 0.25 M Na2SO4 -0.20 V – 1.10 V 
CoHCF 0.25 M NaClO4 -0.20 V – 1.10 V 
CoHCF 0.25 M NaCl -0.20 V – 0.80 V 
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The morphology of the deposited NiHCF and CoHCF films was imaged with the AFM. The 
AFM measurements were carried out in tapping mode at a scan rate of 0.5 Hz using a multimode 
EC-STM/AFM instrument equipped with a Nanoscope IIID controller. The whole device was 
controlled by Nanoscope 5.31r1 software. The acquired surface images were further analyzed 
with WSxM 5.0 Develop 8.0 software.45,46,347   
The processes in the interfaces of the battery films were also investigated with the EIS. The EIS 
measurements were conducted within the potential ranges of cation (de)intercalation presented 
in Table 4.4 using a 10 mV amplitude of AC probing frequency ranging from 10 kHz to 
500 mHz and from 250 kHz to 300 mHz for the NiHCF and CoHCF electrodes, respectively. 
Also in these cases, the Kramers-Kronig test did not reveal any problem regarding the quality 
of the impedance fitting.345,346    
In order to reveal the surface charge, the electrodes were probed with the laser beam. The LICT 
measurements were conducted within the voltage ranges listed in Table 4.4 with the scan 
direction from lower potentials towards more positive ones. Subsequently, the scan voltage 
ranges used in the studies of the NiHCF electrode were extended towards more negative values 
reaching -0.38 V and -1.20 V vs SSC in sodium and potassium sulfate, respectively. This was 
done due to the absence of the PME within the initially set ranges. All the LICT experiments 
were conducted using 20 mV potential steps. The energy of the laser beam used to probe the 
NiHCF film was reduced to ~12 mJ (energy density: ~19 mJ cm-2). In the case of Co-containing 
electrode, the pulse energy was decreased even more to ~10 mJ (energy density: 16 mJ cm-2). 
Both the values were far below the damage threshold of the electrodes.45,46  
 
4.6 List of Equipment, Materials, and Chemicals Used in this Work 
 
Equipment: 
AFM: MultiMode EC-STM/EC-AFM with a Nanoscope IIID controller- Veeco Instruments 
Inc., USA. 
Beam dump: BD-7- Newport Corporation, USA.  
Beam splitter: VA-CB-532-CONEX- Newport Corporation, USA. 
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EQCM: QCM 200- Stanford Research Systems, USA.   
LICT: Quanta-Ray INDI-Series Nd:YAG laser, repetition rate: 10 Hz, pulse width: 5-8 ns, 
wavelength: 532 nm- Spectra-Physics Lasers, USA.  
Potentiostat: VSP-300- Bio-Logic, France.  
pH meter: Economical pH Meter or pH/mV Meter- Omega, USA 
RDE/RRDE: Pine RDE 710 RDE with MSR rotator- Pine Research Instruments, USA. 
Reference electrodes: MMS and SSC- SI Analytics, Germany. 
Ultrapurification water system: Evoqua Ultra Clear 10 TWF 30 UV- Evoqua, Germany. 
 
Materials: 
Ar 5.0- Air Liquide, Germany. 
AT-cut Au quartz crystal wafer- dqcw: 2.54 cm, dAu: 1.37 cm, Stanford Research Systems, USA. 
AT-cut ITO quartz crystal wafers- dqcw: 2.54 cm, dAu: 1.37 cm, MicroVacuum Ltd., Hungary.  
AT-cut Pt quartz crystal wafer- dqcw: 2.54 cm, dAu: 1.37 cm, Stanford Research Systems, USA. 
Aupc, 99.99%- d: 4 mm, homemade. 
O2 5.0- Air Liquid, Germany. 
Ptpc, 99.99 %- d: 5 mm, roughness: 30 nm, Mateck, Jülich, Germany. 
Pt wire, 99.99 %- d: 0.3 mm, GoodFellow, Germany. 
 
Chemicals: 
CoCl2·6H2O, 98%, ACS Reagent- Sigma Aldrich, Germany. 
H2SO4, 96 %, Suprapur- Merck, Germany. 
HClO4, 70% Suprapur- Merck, Germany. 
KOH, i) ≥85%, ACS Reagent- Sigma Aldrich, Germany. ii) 85%- Grüssing, Germany. 
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K2SO4, 99.0%- Sigma Aldrich, Germany. 
K3[Fe(CN)6], 99.0%- Sigma Aldrich, Germany. 
Mn2O3- synthesized in the laboratory of the Indian Institute of Technology Ropar, Punjab, 
India. 
Na2SO4, 99.0%- Sigma Aldrich, Germany. 
NaOH, ≥98%- Sigma Aldrich, Germany.  
NaCl, 99.0%- Sigma Aldrich, Germany. 
NaClO4·H2O, 97%- Alfa Aesar, Germany. 
NiCl2·6H2O, 99.3%- Alfa Aesar, Germany. 
 
Software: 
EC-LAB 10.40- potential control and data collection. 
EIS Data Analysis 1.1 and 1.2- fitting of EIS spectra. 
Nanoscope 5.31r1- AFM data collection. 
OriginPro 2015G- data analysis, treatment, display. 
SRS QCM200- EQCM data collection. 
WSxM 4.0 Beta 8.3- AFM data analysis. 
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5. Results and Discussion 
 
5.1 Surface Charge Determination 
 
As shown in Section 3.6.3, the way how the interfacial water molecules orient themselves 
towards the electrode highly depends on the effective charge accumulated at its surface (see 
Figure 5.1A). The temperature jump at the electrode surface generated by the short laser pulses 
results in a temporary decrease in the order of the surface water molecules present in the double 
layer (Figure 5.1B).301 As a consequence, during the relaxation of the interfacial layer, sharp 
either negative or positive current transients can be observed. The orientation of the transients 
is, in turn, strictly related to the sign of the charge at the electrode surface. Therefore, the 
negative net surface charge will result in negative current transients and vice versa.45  
Figure 5.1C shows a typical negatively oriented current transient recorded for a polycrystalline 
gold electrode immersed in 0.25 M Na2SO4 at an arbitrarily chosen potential value of -1.50 V 
vs SSC. Shortly after the laser illumination (at ca. 8 ms), the transient can be seen. Clearly, the 
excess charge of the electrode surface at the investigated potential is negative. Interestingly, 
similar responses can be obtained for the other, more positive potential values reaching ca.  
-0.30 V vs SSC (Figure 5.1D). This implies that the net charge accumulated at the surface of 
the metal stays negative within the investigated potential range. The orientation of the resulting 
current transients can be seen more clearly in Figure 5.1E representing the relation between 
the recorded maximal current extrema and the electrode potential.45  
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Figure 5.1. (A) Schematic orientation of water molecules towards the electrode according to the surface 
charge. (B) Disorder introduced by the laser-induced temperature jump at the electrode surface. 
(C) Single current transient recorded after illuminating the polycrystalline Au electrode in 
0.25 M Na2SO4 at -1.50 V vs SSC (background corrected curve). (D) 3D plot for the polycrystalline Au 
electrode representing the change in the orientation of the LICTs obtained within the potential 
range between -1.50 V and -0.30 V vs SSC. (E) Dependence of the extreme values of the current 
transients depicted in part D as a function of the WE potential. Inset schematically illustrates 
corresponding orientation of the surface dipoles at the investigated potential range. Black arrow shows 
the scan direction. 
Upon the increase in the electrode potential, the structure of the interfacial water layer alters 
resulting in a decrease in its stiffness. Finally, at -0.20 V vs SSC, the disorder of the molecules 
reaches the maximum. At this potential, identified as the PME, the system does not show any 
prominent transient response to the laser illumination (see Figure 5.2A and B). In turn, at the 
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potential values higher than the PME, the transients change their sign. This indicates that the 
resulting excess charge of the electrode surface becomes positive, at the same time forcing the 
interfacial water molecules to reorient (Figure 5.2C and D).  
 
 
Figure 5.2. (A) LICTs obtained for the polycrystalline Au electrodes immersed in the 0.25 M Na2SO4 
solution within the continuously extended potential range between -1.50 V and -0.20 V vs SSC. The 
curve corresponding to the PME is depicted in red. (B) 2D graph representing the dependence between 
the maximal current values of the transients shown in A and the WE potential. (C) LICTs collected for 
the same system within the potential range of -1.50 V – 0.50 V vs SSC together with the  
(D) corresponding dependence of the maximal current values of the transients depicted in C shown as 
a function of the electrode potential. Insets schematically demonstrate the orientation of the water 
dipoles at the investigated potentials. Black arrows indicate the scan direction. 
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5.2 Interface Structure and Electrode Activity 
 
In a recently published article, Koper et al. have demonstrated a relation between the charge-
dependent structure of the double layer and the rate of the HER.172 As suggested in that work, 
the degree of order in the interfacial layer should have a direct influence on the electron transfer 
through it affecting the electrode activity towards hydrogen evolution. As shown in the previous 
sections of this work, the reactions vital for a sustainable provision of renewable energy, such 
as the HER or the ORR, proceed through the initial adsorption of species at the catalyst surface 
(see Section 3.4.1 and Section 3.4.5). In order to permit these reactions to take place, an 
electron has to be transferred through the interface. Thus, for a set electrode structure and 
composition, the reaction kinetics would likely depend on the ability of the double layer to 
reorient after accommodating such a transfer.172  
 
Figure 5.3. (A) Schematic representation of the electron transfer taking place at the 
electrode/electrolyte interface according to the charge-dependent structure of the surface water layer. 
Note that the electron migration is the fastest at the PME, while at the potentials remote from the PME, 
the process slows down. (B) Graph illustrating the relation between the PME position and the rate of 
the HER (0.00 V vs RHE) and the ORR (1.23 V vs RHE).  
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Following this line of thought, one can expect that the rate of an electrochemical reaction will 
be the highest at the PME at which the entropy of the double layer formation reaches the 
maximum. Conversely, at the potentials remote from the PME, the ease of the electrode transfer 
to occur is supposed to decrease slowing the reaction down (see Figure 5.3A). Considering the 
dependence mentioned above, one could anticipate that the closer the PME to the 
thermodynamic equilibrium potential of a certain reaction is, the faster this reaction should 
proceed (Figure 5.3B).  
In the following sections, experimental validation of the aforementioned hypothesis is 
presented. For this purpose, the resulting net surface charge of metal electrodes immersed in 
various electrolytes of different pH and containing different alkali-metal cations is studied using 
the LICT method. It is shown that the application of the laser technique enables a profound 
examination of the influence of the electrolyte composition on the interface structure. 
Afterwards, the acquired LICT data are correlated with the results of the HER and the ORR 
activity measurement performed in the corresponding systems.    
 
5.2.1 pH Effect  
 
In the first step, simple systems consisting of the Ptpc immersed in aqueous HClO4 solutions at 
different pH levels (pH 0, 1, and 2) were examined. By using aqueous electrolytes containing 
only H+, and non-adsorbing ClO4
- anions, it was possible to solely investigate the influence of 
the electrolyte pH.  
Figure 5.4A, B, and C represent typical examples of the LICTs collected in the HClO4 
electrolyte with three different H+ concentrations. In each case, the orientation of the resulting 
transients alters from negative to positive, revealing the PME. The estimated potential values 
at which the sign of the current spikes changes are located at ~0.31 V, ~0.37 V, and ~0.41 V vs 
RHE for electrolytes at pH 0, 1, and 2, respectively. One can see that the PME increases (in this 
case by ca. 50 mV/dec) as a consequence of the pH rise. These findings coincide with the results 
reported for the basal Pt electrode planes. As shown by Garcia-Araez et al., the PMEs of these 
surfaces exhibit sensitivity to the electrolyte pH.170 As further demonstrated by the authors, the 
potential at which water molecules change their orientation towards the Pt(111) surface shows 
the pH dependence shifting by ca. 60 mV/dec. Analogously, the PME of Pt(100) and Pt(110) 
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planes also increases with the decrease in the proton concentration. In these cases, however, the 
recorded shifts are less significant; for the former, the PME value increases by 30 mV/dec, 
while for the latter, the recorded change is only 15 mV/dec. Since the polycrystalline surfaces 
consist of an irregular arrangement of the monocrystalline facets and grains,348 one can expect 
that, to a certain extent, trends observed for these types of surfaces will reflect the trends of its 
individual “surface components”. Thus, the PME of Ptpc electrodes should also exhibit a pH 
dependence with a more or less gentle 
𝑑𝐸PME
𝑑pH
 slope.   
 
Figure 5.4. Maximal current extrema of the LICTs collected for Ptpc in acidic electrolytes with different 
pH levels: (A) pH 0, (B) pH 1, and (C) pH 2. The estimated points at which the sign of the current 
transients changes coincide with the PMEs. Note that each system exhibits the PME. Black dotted lines 
are used to guide eyes. (D) Dependence of the resulting PME values shown as a function of the pH. 
Black dashed lines at 0.00 V and 1.23 V vs RHE additionally show the thermodynamic equilibrium 
potentials of the HER and the ORR, respectively, while the straight dotted line depicts the trend line.   
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Interestingly, as displayed in Figure 5.4D, upon the increase in the pH, the PME of the Pt 
electrode moves further away from the thermodynamic equilibrium potential of the HER 
(0.00 V vs RHE), at the same time, getting closer to the corresponding value of the ORR 
(1.23 V vs RHE). On the basis of the hypothesis relating the stiffness of the electrochemical 
interface with its ability to facilitate the electrode transfer, one can anticipate that the 
modification of the PME will have an impact on the electrocatalytic behavior of the studied 
systems.172 In order to check whether these predictions are correct, measurements of the Ptpc 
activity towards the HER and the ORR have been conducted. The experiments were performed 
in the corresponding three HClO4 solutions saturated with either H2 (for the HER) or O2 (for 
the ORR). To additionally increase the efficiency of the diffusion mass transport, and the 
sensitivity of the activity measurements to potential changes, microelectrodes were used.349   
 
Figure 5.5. Polarization curves for (A) HER and (B) ORR on Ptpc microelectrode in H2- and O2-
saturated HClO4 solutions at three different pHs. Both in the case of the HER and the ORR,  
a clear pH dependence of the electrode activity can be seen. Green arrows depict the pH increase.  
Scan rate: dE dt -1 = 10 mV s-1. 
Figure 5.5 shows the resulting polarization curves recorded in the HClO4 solutions at different 
pHs. One can see that in the examined systems, both the HER and ORR activities exhibit the 
pH dependence. It should be, however, noted that the increase in the pH has a different effect 
on the electrode activities towards the investigated reactions. The HER activity of the electrode 
significantly diminishes with the pH increase (Figure 5.5A). The opposite trend is observed for 
the ORR activity (see Figure 5.5B).  
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The experimental findings show that in the investigated systems the pH-driven modification of 
the PMEs location indeed leads to the alteration in the electrode activity towards the studied 
reactions. The pH increase shifts the PME from the values located in the vicinity of the onset 
potential of the HER towards the potential at which the ORR is supposed to occur (Figure 
5.4D). As a consequence, the surface water layer at the potentials closer to the 0.00 V vs RHE 
should become stiffer making the solvent molecules less likely to reorganized after the 
interfacial electron transfer. This diminishes the HER activity of the Pt electrode (Figure 5.5A). 
In contrast, the activity of the ORR increases (Figure 5.5B).  
The obtained activity trends are in relatively good agreement with the previous literature 
reports. As mentioned in Section 3.7.3, it had been reported that the rate of the HER at 
polycrystalline Pt electrode indeed gets higher with the increase in the H+ concentration.88  
A thorough search of the relevant literature yielded no reported studies clearly showing the 
influence of the H+ concentration on the electrocatalytic activity of a polycrystalline Pt 
electrode towards the ORR. The obtained results, however, are in line with those published by 
Briega-Martos et al. presenting the increase of the Pt(111) activity upon the pH rise (see Section 
3.7.3).273 It is  also worth noting that the PMEs in the investigated systems are located within 
the potential region of hydrogen adsorption.170 As the PME value can be influenced by the 
adsorbing species (see Section 3.6.3), one can anticipate that the interface structure should 
likely exhibit sensitivity to the alteration in the H+ concentration.  
 
5.2.2 pH Effect in Presence of Alkali-Metal Cations 
 
Remarkably, electrolytes utilized in electrocatalytic studies of the pH effect often differ from 
one another not only in the pH level but also in the entire composition.88 As the resulting 
behavior of an electrochemical system is most likely related to the hydration energy of all the 
electrolyte species, it can be expected that electrocatalytic properties of such a system will 
exhibit sensitivity to the presence of both H+ and other electrolyte ions.24,242,248 To shed further 
light on the interplay of these two factors, a series of laser measurements on the Ptpc immersed 
in 0.5 M solutions of Na2SO4 and K2SO4 at various pHs was carried out. In these measurements, 
a new type of species, namely the alkali-metal cations, was introduced. Furthermore, the 
perchlorate anions were replaced with (bi)sulfates ones. Unlike the ClO4
- species (characterized 
by the hydration energy of 229 kJ mole-1), the SO4
2- exhibit much higher hydration energy 
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(1059 kJ mole-1) than the Na+ (409 kJ mole-1) and K+ (322 kJ mole-1) cations.350 Therefore, it 
was less likely for the SO4
2- anions to show an effect competitive to the effect of the other 
electrolyte species. This, in turn, assured that the alterations in the interface properties were 
related solely to the changes in the H+ concentration and the nature of the alkali-metal cations.     
Figure 5.6A depicts the 3D LICT graph recorded for the polycrystalline platinum electrode in 
the 0.5 M Na2SO4 solution at pH 3. From the obtained results, one can see that at the very low 
potentials, the surface water dipoles tend to orient themselves with the hydrogen sides towards 
the metal electrodes. Then, along with the potential increase, the net orientation with the oxygen 
sides pointing the surface becomes more favorable. As a consequence, the investigated system 
exhibits the PME. This can be seen more clearly in Figure 5.6B representing the corresponding 
dependence between the maximal current and the applied potential. A very similar trend was 
observed for all the other investigated pH values. Figure 5.6C, D, and E illustrate sample 2D 
iXtrm-E plots recorded at pH 5, 8, and 12, respectively. In all these systems, the “potentials of no 
current response” are very close to one another and do not show a dependence on the pH level 
(see Figure 5.6F). The overall value of the PME of the polycrystalline platinum electrode can 
be given as: 
EPME = 0.095 ± 0.022 V 
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Figure 5.6. (A) Typical 3D LICT plot recorded for polycrystalline Pt electrode in 0.5 M Na2SO4 at pH 3 
with (B) the corresponding 2D representation of the collected maximal current extrema shown as a 
function of the WE potential. Analogous 2D LICT plots showing the maximum current values obtained 
at (C) pH 5, (D) pH 8, and (E) pH 12. The 3D graph depicts every third potential step. Additional black 
arrows point the scan direction, while the black dotted curves serve as guides for eyes. (E) PME of the 
Ptpc in 0.5 M Na2SO4 depicted as a function of the electrolyte pH. The straight dotted line represents the 
trend line.  
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One can see that in 0.5 M Na2SO4 the PME of the Ptpc becomes independent of the electrolyte 
pH. Thus, assuming a dominant effect of the alkali-metal cations, the Na+ cations seem to 
stabilize the structure of the EDL. Interestingly, the obtained results are consistent with the 
literature reports. According to Gileadi et al., the PZC of the polycrystalline Pt surface measured 
in aqueous sodium salt solutions using impedance spectroscopy is indeed independent of the 
H+ concentration.351 As the PME of a metal electrode is located in the close vicinity of its PZC, 
the PME should not change with the electrolyte pH, too.  
To further understand the role of the cations for the system behavior at various pHs, analogous 
measurements for the Ptpc electrode in the 0.5 M K2SO4 electrolytes with different H
+ 
concentrations were conducted. Quite surprisingly, the electrode immersed in the electrolytes 
containing K+ cations does not show the PME at most of the investigated pHs. Instead, in these 
solutions, the sign of the electrode surface charge is constant within the whole examined 
potential range. Figure 5.7 shows examples of corresponding 3D (parts A and C) and 2D (parts 
B and D) LICT graphs collected in 0.5 M K2SO4 at two different pHs. In the solution containing 
a higher concentration of H+, the sign of the net charge stays positive within the investigated 
potential region (Figure 5.7B). In contrast, in the alkaline solution, the charge of the surface 
becomes negative and does not change its sign upon the potential increase (Figure 5.7D). The 
same trend was observed for the very acidic electrolytes (pH 1 to 3) as well as for the 
electrolytes with the pH ranging from neutral to highly alkaline (pH 7 to 13.70) (see Figure 
5.7E). In these systems, the PMEs might be located outside of the set potential range; however, 
in order to avoid the gas generation, the investigated regions were not further extended.45 As 
suggested by Huang et al., it is also likely that in some electrolytes the electrode does not exhibit 
the PME.352 In such cases, electrolyte species adsorbing at the electrode surface can alter its 
electronic structure resulting in a constant sign of its surface charge.  
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Figure 5.7. 3D LICT graphs obtained for the polycrystalline platinum electrode immersed in 
0.5 M K2SO4 at (A) pH 2, and (C) pH 13 together with the (B,D) corresponding 2D plots showing the 
relation between the extreme current values and the applied potential. For the sake of clarity, the 3D 
graphs depict every third step. Dotted lines serve as guides to eyes. (E) Trend lines of extreme current 
values obtained in K+-containing solution at various pHs. Note that in most of the electrolytes the sign 
of the charge does not change within the investigated potential range. Dashed lines represent 
extrapolated parts of the trend lines. Black horizontal arrows show the scan direction. 
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Interestingly, in 0.5 M K2SO4, the potentials at which the current transients change their 
orientation were detected only at pH 4, 5, and 6. Figure 5.8A depicts the relevant sample 3D 
graph. The estimated PMEs at all three pHs are equal to ~0.12 V (Figure 5.8B), ~0.14 V 
(Figure 5.8C), and ~0.46 V (Figure 5.8D) vs RHE, respectively. One can see that 
dissimilarities between the estimated potentials of no response in the potassium-containing 
electrolytes are more significant than those observed in sodium salt solutions. This clearly 
shows that, in the presence of K+ cations, the PME exhibits a higher sensitivity to the H+ 
concentration than in the presence of Na+ cations.  
 
 
Figure 5.8. 3D LICT graphs obtained for the polycrystalline Pt electrodes in 0.5 M K2SO4 at (A) pH 4 
together with the (B) corresponding dependence between the recorded extreme current values and the 
WE potential. For the sake of clarity, the 3D graphs represent every third potential step. Analogous 2D 
plots showing the extreme current values obtained at (C) pH 5 and (D) pH 6. Black arrows depict the 
scan direction, while the dotted lines are used as guides for eyes.  
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The non-trivial trends in the investigated systems reveal the complexity of the issue related to 
the influence of the electrolyte composition on the double layer structure. In the systems 
containing sodium salt solutions, the nature of the cations appears to play a dominant role in 
establishing the solid/liquid interface making its structure practically independent from the 
electrolyte composition. Conversely, in the presence of potassium cations, the interface order 
can drastically change even with small alterations in the concentration of the electrolyte 
constituents. Thus, further analysis of the effect of individual species required the use of other 
model systems. The platinum electrode immersed in the solutions at pH 6 served this purpose. 
The use of the near-to-neutral pH electrolytes had two main benefits. Firstly, it allowed to 
maximally lower the effect arising from the excessive amount of the protons or hydroxyl ions 
on the obtained results without losing an efficient control over the pH. Secondly, the existence 
of the PMEs in these systems (see Figure 5.6 and Figure 5.8) permitted to investigate the 
correlation between the properties of the interface and the electrode activity. For these reasons, 
in the further studies, the focus was narrowed down to the systems using almost neutral 
electrolytes.   
 
5.2.3 Influence of Cations 
 
Figure 5.9 shows the maximal values of the LICTs obtained for the Ptpc electrode in 
0.5 M Na2SO4 and 0.5 M K2SO4 solutions at pH 6. The estimated location of the PME in the 
former electrolyte is ~0.10 V vs RHE, while the PME value in the latter equals to ~0.46 V vs 
RHE. One can see that, in the examined systems, the sodium cations “move” the PME towards 
the more negative voltages. Hence, depending on the nature of positively charged species 
introduced into the system, the interfacial solvent layer gets less stiff and more likely to reorient 
in the vicinity of the thermodynamic equilibrium potentials of either the HER (0.00 V vs RHE) 
or the ORR (1.23 V vs RHE). By analogy to the experiments with the HClO4 solutions (see 
Section 5.2.1), the cation-dependent structure of the surface H2O adlayer should affect the 
electrode activity towards these reactions.  
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Figure 5.9. Extreme current values of the LICTs collected for the polycrystalline Pt electrode immersed 
in the near-to-neutral pH electrolytes containing Na+ (depicted in red) and K+ (depicted in blue) cations. 
Black dashed and dotted lines serve as guides for eyes, while the black horizontal arrow depicts the 
scan direction. Each system shows the PME; however, the detected PME values differ significantly from 
each other. 
To check if these predictions have any correspondence to reality, the relevant activity 
measurements were performed. Figure 5.10A and B show the polarization curves for the HER 
and the ORR, respectively, obtained for the Ptpc in different salt solutions at pH 6. One can see 
that the presence of dissimilar alkali-metal cations indeed influences the electrode activity 
towards the investigated reactions. The HER is faster in the Na+-containing solutions than in 
the K+-containing ones (Figure 5.10A). In contrast, the rate of the ORR appears to be higher in 
0.5 M K2SO4 than in 0.5 M Na2SO4 (Figure 5.10B). These observations coincide with the 
trends reported in the literature for Pt(111). As shown by Tymoczko et al., both the HER and 
the ORR performed on the monocrystalline Pt electrode in presence of (bi)sulfate anions exhibit 
sensitivity to the nature of alkali-metal cations.247 Furthermore, depending on the reaction, the 
presence of some cations is more beneficial than the others. The rate of hydrogen evolution in 
the electrolyte containing sodium is indeed higher than that measured in the presence of 
potassium. Conversely, the reduction of oxygen is more favored in the systems containing K+ 
than in those which contain Na+.  
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Figure 5.10. Polarization curves for the (A) HER and the (B) ORR for the Ptpc disk electrode immersed 
in the H2- and O2-saturated near-to-neutral pH 0.5 M Na2SO4 (depicted in red) and 0.5 M K2SO4 
solutions (depicted in blue). The electrode activity towards both reactions shows opposite trends in the 
electrolytes containing different alkali-metal cations. Scan rate: dE dt -1 = 50 mV s-1; rotating speed: 
400 rpm. Note that the negative shift in A is due to the change in the surface pH during the reaction, as 
explained by Auinger et al.271 However, this does not change the relative activity trend. 
Interestingly, laser experiments performed on the polycrystalline Au electrode revealed similar 
trends. Figure 5.11 shows the extreme current values of the LICTs collected in near-to-neutral 
pH 0.25 M Na2SO4 (discussed in Section 5.1) and 0.25 M K2SO4 electrolytes. In both systems, 
the current spikes change their signs upon the potential increase revealing the PMEs. 
Furthermore, similar as for the Pt electrode, the PME value of the Au electrode is significantly 
affected by the nature of the cation species present in the electrolyte. The estimated potentials 
of zero response in the sodium and potassium salt solutions are 0.20 V and ~1.57 V vs RHE, 
respectively. Again, it can be clearly seen that in the presence of Na+ cations, the PME value is 
located at the more negative potentials indicating a less ordered array of the interfacial water 
dipoles at the potentials vicinal to the thermodynamic equilibrium potential of the HER (0.00 V 
vs RHE). In contrast, in the presence of K+ species, the recorded potential at which the electrode 
surface charge changes its sign is much more positive, which implies a more chaotic 
arrangement of the H2O molecules within the voltage range around the onset potential of the 
ORR (1.23 V vs RHE).  
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Figure 5.11. Extreme current values of the LICTs recorded for the Aupc electrode in the near-to-neutral 
pH solutions containing Na+ (depicted in red) and K+ (depicted in blue) cations. Black dashed and 
dotted lines are used as guides for eyes, while the black horizontal arrow shows the scan direction. 
Similar to the case with the Ptpc electrode, the systems exhibit single PMEs located remotely from each 
other. 
In the next step, the activity measurements on Aupc in both the Na2SO4 and K2SO4 solutions 
were performed. By doing so, it was possible to find out whether there is a correlation between 
the different interface structure and the electrocatalytic activity of the gold electrode towards 
the reactions mentioned above. Figure 5.12A and B represent the resulting HER and ORR 
polarization curves, respectively. The obtained findings show trends similar to the ones 
recorded for the case of the platinum surface. That is to say, the activity of polycrystalline gold 
towards the HER is significantly higher in the sodium sulfate than in the potassium sulfate 
solution. Nonetheless, in the presence of the K+ cations, the  electrode activity is higher towards 
the ORR if compared with the Na-containing electrolytes. 
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Figure 5.12. Polarization curves for the (A) HER and the (B) ORR recorded for the Aupc bead electrode 
in the H2- and O2-saturated near-to-neutral pH electrolytes containing different alkali-metal cations: 
Na+(depicted in red) and K+ (depicted in blue). By analogy with the activity measurements on Ptpc, the 
activities of the investigated reactions on the Aupc electrode also exhibit an opposite dependence on the 
nature of the alkali-metal cations present in the electrolytes. Scan rate: dE dt -1 = 50 mV s-1; rotating 
speed: 400 rpm.   
The presented results acquired for both the Pt and the Au electrodes are again consistent with 
the hypothesis suggesting the explanation of the effect of the surface water structuring on the 
interfacial electron transfer. They reveal the direct correlation between the PME value of a 
given electrode in certain electrolytes and its electrocatalytic performance. By analogy with the 
case shown in Section 5.2.1, by changing the electrolyte composition (in this case by 
introducing different alkali-metal cations), one can alter the location of the PME. The change 
in the PME, in turn, alters the EDL stiffness at certain potential values, which further influences 
the  electron transfer through the interface making it either easier or more difficult to proceed. 
The resulting “facility” of the interfacial transport eventually affects the electrode activity 
increasing or decreasing the rate of a particular electrocatalytic reaction.  
As shown before, the cation effect is most likely associated with the different nature of the 
positively charged ions (see Section 3.7.3). Various cations characterized by dissimilar 
hydration energies interact with the adsorbed species (e.g., water) affecting the structure of the 
electrified interface and influencing the electrocatalytic activity.45 Furthermore, the system 
behavior might also originate from the resulting local concentration of electrolyte species in the 
vicinity of the electrode surface. As recently presented by Garlyyev et al., the estimated 
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concentration of alkali-metal cations in the double layer formed between salt electrolytes and 
metal electrodes consisting both of Pt and Au is up to ~80 times higher than the bulk molarity 
of the positively charged species.277 The high amount of the cation species interacting with 
other constituents of the double layer might intensify the observed effect modifying the 
interfacial array even more significantly. Thus, the cation effect should rather be seen as an 
interplay between the nature and the effective concentration of the cations in the electrified 
solid/liquid interface.  
To conclude, profound LICT studies of the interface formed between polycrystalline Pt and Au 
electrodes and aqueous electrolytes together with the corresponding CV measurements reveal 
a good correlation between the interface structure and the rate of some electrocatalytic 
processes. As shown by the example of the HER and the ORR, the electrode activity towards 
these reactions in perchloric acid solutions and near-to-neutral pH electrolytes containing 
different alkali-metal cations (i.e., Na+ and K+) indeed appears to depend on the ability of the 
EDL to reorient after the interfacial electron transfer. Furthermore, the performed experiments 
show that this particular characteristics of the electrochemical interface strictly depends on the 
electrolyte composition. A various H+ concentration as well as different types of alkali-metal 
cations alter the stiffness of the interfacial solvent layer at different potentials, which eventually 
results in either enhancement or hindrance of electrocatalytic processes. The aforementioned 
findings once more expose an influence of the different nature of electrolyte constituents on the 
kinetics of electrocatalyzed reactions. Furthermore, they can explain why electrolytes govern 
the electrode activity in many systems. Finding an answer for this question should set out a new 
course in understanding numerous electrochemical processes, enabling optimization and 
development of systems essential for the sustainable energy provision.  
   
5.3 Non-Precious Metal Electrocatalysts 
 
High costs and scarcity of noble metals utilized in WELs and FCs are frequently recognized as 
the main drawbacks of these technologies. Hence, the identification of new non-precious metal 
catalysts might be a rational route to overcome these issues.353 Manganese oxides are an 
example of such materials. These cheap and earth-abundant compounds can be utilized to 
catalyze both the OER and ORR.354,355 Especially promising one is Mn(III) oxide (Mn2O3) 
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which, owing to its unique structure, offers the best balance between the activities towards the 
oxygen reactions among the Mn oxides.356  
In this part, the interface formed between Mn2O3 electrodes and an aqueous alkaline electrolyte 
is examined. As in the previous sections, the LICT method and CV were used to inspect a 
correlation between the structure of the EDL and the ORR activity of the Mn-catalyst. 
Furthermore, in order to better understand interfacial processes occurring in the system, the 
findings acquired from the laser experiments are compared with those obtained from the 
impedance analysis.    
 
5.3.1 Interface Structure and ORR Activity 
 
Figure 5.13 displays typical LICTs recorded for the Mn2O3 electrodes in O2-saturated 
1 M NaOH at four arbitrarily chosen potential values: 0.91 V, 1.03 V, 1.11 V, and 1.19 V vs 
RHE. Right after heating the electrode surface, one can see negatively and positively oriented 
current transients. 
 
Figure 5.13. Sample LICTs obtained for the Mn2O3 electrode in O2-saturated 1 M NaOH at different 
potentials and the schematic illustration of the water molecules arrangement at the electrode surface 
according to the sign of the excess charge.  
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The orientation of the recorded LICTs alters along the investigated potential range revealing 
the existence of the PME. This can be clearly seen in Figure 5.14 displaying the relation 
between the maximal current values and the WE potential. Following the direction opposite to 
the direction of the performed LICT scan, one can see that at the high potential values the 
observed current peaks are oriented positively. Then, at ~1.09 V vs RHE (at the PME), their 
orientation alters and stays negative up to the very low voltages. Figure 5.14 additionally shows 
the cathodic scan of the CV for the ORR. Notably, the onset potential of the ORR (~1.07 V vs 
RHE) is very close to the estimated value of the PME. There is evidence to believe that this 
close relation is not coincidental. The interfacial solvent dipoles at the PME and in its vicinity 
are most likely to reorient and facilitate the electron transfer.172 This is in line with the 
hypothesis presented at the beginning of Section 5.2 describing the effect of the interface 
stiffness on the rate of electrocatalyzed reactions. 
 
 
Figure 5.14. 2D plot representing all recorded LICTs (depicted in black) as a function of the WE 
potential together with the cathodic scan of the corresponding CV (depicted in red). Scan rate:  
dE dt -1 = 50 mV s-1. Dotted line serves as a guide to eyes. The system exhibits the PME located at 
~1.09 V vs RHE, which is very close to the onset potential of the ORR at ~1.07 V vs RHE. The additional 
horizontal green arrow depicts the scan direction.  
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Interestingly, the obtained results suggest that the electrode composition might alter during the 
ORR. This can be concluded from the unusual shape of the cathodic scan of the CV, 
particularly, in the curve slope between ~0.05 V and ~0.80 V vs RHE (see Figure 5.14). The 
characteristic change, assigned to the film transition, can be observed at ~0.30 V vs RHE.  
 
5.3.2 Impedance Analysis 
 
To gain more information about the system behavior, the Mn2O3 electrodes were investigated 
with the EIS. The resulting impedance data together with their fitting curves are displayed in 
Figure 5.15A. Figure 5.15B shows the equivalent electric circuit used to fit the impedance 
spectra.  
 
 
Figure 5.15. (A) EIS data (depicted as open symbols) of the investigated Mn2O3 electrodes in  
O2-saturated 1 M NaOH together with the corresponding fits (depicted as black lines). Fits were 
performed using the EEC shown in B. The meaning of each EEC parameter can be found in the text.  
The parameter Ru in the presented EEC represents the uncompensated resistance which, 
generally speaking, arises from the instrumental artifacts.357,358 In turn, the impedance of the 
double layer, Zdl is represented by the constant phase element CPE (see Section 3.9.2); and it 
can be expressed as follows: 
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𝑍dl =
1
𝐶dl
′ (𝑗𝜔)
−𝜑 
Eq. 5.1 
  
where  𝐶dl
′ ≈ 𝐶dl if the exponent φ, which is associated with the frequency dispersion in the 
EDL, is close to 1.359 The remaining resistances Rct and Ra,1 as well as the capacitance Ca,1 
reflect the response of adsorption processes. Finally, the additional parallel set involving the 
capacitance of the drop-casted films, Cf, and the film resistance, Rf, accounts for the alteration 
in the intrinsic properties of the electrode, such as its composition, during the electrochemical 
process.303,359 These changes could also explain why in the high-frequency region the real part 
of the impedance data gets higher upon the potential decrease (see Figure 5.15A).360  
To conclude, the application of the LICT method can be expanded to the electrochemical 
systems containing metal oxide catalysts, such as Mn2O3. As shown above, the results of the 
LICT analysis reveal the close correlation between the onset potential of the ORR and the PME 
of the studied system. These findings further emphasize the significance of the surface water 
structure for the rate of electrocatalytic reactions. Apparently, the hypothesis explaining the 
dependence between the EDL properties and the rate of a certain reaction is valid also in the 
systems utilizing the oxide material as the catalyst. Considering the fact that the laser technique 
was initially developed to probe the electrified interfaces formed between pure metals and 
electrolytes, these findings appear unique. Moreover, also in this case, the LICT method turns 
out to be particularly useful in combination with other techniques. By combining it with the CV 
and the EIS, one can obtain thorough information about the processes taking place not only in 
the interface but even in the electrode material.  
         
5.4 Model Battery Systems  
 
Undeniably, the possibility to apply the laser radiation to probe the surface charge accumulated 
at electrodes consisting of non-precious metal compounds opens up new avenues for 
performing in-depth analyses of the whole spectrum of systems crucial for the sustainable 
energy provision. The findings presented in the previous subchapters served as motivation to 
utilize the LICT technique in the studies of even more complex interfaces. Thus, the LICT 
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method was, for the first time, implemented to characterize model aqueous battery systems. In 
the following sections, the results obtained during the LICT investigation of the interfaces 
formed between model battery electrodes and aqueous solutions are presented. To perform a 
more comprehensive analysis, the acquired data were further complemented with those 
obtained using other electroanalytical methods, namely the CV, EIS, EQCM, and AFM. 
  
5.4.1 Initial Characterization of NiHCF Films   
 
Consider the Na2[Fe(CN)6] thin films (NiHCF)- typical PBA material suitable as cathodes in 
Na-ion battery systems.361 Due to its relatively simple synthesis, easily adjustable composition, 
non-toxicity, and low costs, this inorganic compound has attracted special attention in the 
scientific community during the last  years.133,135,362,363,364,365 These were also the reasons why 
the NiHCF was chosen to be investigated in this work. 
Following electrodeposition of NiHCF thin films on a gold substrate (described and analyzed 
in detail in reference 12), the electrodes were immersed in two different electrolytes, namely 
0.25 M Na2SO4 and 0.25 M K2SO4, and characterized during intercalation and deintercalation 
of the Na+ and K+ cations. Figure 5.16A shows the resulting voltammograms. The alterations 
in the oxidation state of iron atoms present in the structure of the electrode material result in 
anodic and cathodic peaks visible in the CVs. These changes are also recognized as the main 
reasons for alkali-metal cation deintercalation and intercalation. In addition, the corresponding 
increase in the electrode mass during intercalation of sodium and potassium was detected from 
the analysis of EQCM data (Figure 5.16B). The calculated mass changes were ~1.63 μg cm-2 
and ~2.66 μg cm-2 for the Na+ and K+ cations, respectively. Considering that the mass of the 
deposited films was ca. 22 μg cm-2, the mass changes resulting from intercalation of the cations 
are very close to the expected values determined from the chemical formula assuming that only 
one cation intercalates per one reacting iron center.45  
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Figure 5.16. (A) Typical CVs of the NiHCF thin films immersed in the 0.25 M Na2SO4 (depicted in 
green) and 0.25 M K2SO4 (depicted in blue) solutions (dE dt 
-1 = 50 mV s-1) together with the 
(B) corresponding background corrected curves representing the change in the electrode mass during 
(de)intercalation of Na+ and K+ cations; 1 Hz = 17.7 ng cm-2.    
The resulting surfaces were additionally characterized using the AFM. The AFM measurement 
enabled to check the quality of the produced films. Figure 5.17A and B show the 2D and 3D 
image of deposited NiHCF, respectively. The electrodes exhibit relatively high surface 
evenness and smoothness with the roughness factor of ca. 1.07. 
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Figure 5.17. Representative (A) 2D and (B) 3D AFM images of the deposited thin films. The surface is 
relatively uniform and smooth. 
 
5.4.2 Impedance Characterization of NiHCF Films 
 
The processes occurring at the electrified solid/liquid interface of the electrodes were further 
investigated using the EIS. Figure 5.18A and B show typical ‘‘loop-shaped’’ EIS spectra 
obtained for the films together with corresponding fits in 0.25 M Na2SO4 and 0.25 M K2SO4, 
respectively. All the spectra were fitted using an EEC shown in Figure 5.18C as proposed by 
Yun et al.12 and Ventosa et al.138 According to this physical model, the alkali-metal intercalation 
takes place in at least three stages including oxidation/reduction of transition metal centers 
present in the PBA (in this case iron centers), temporary adsorption/desorption of anions present 
in electrolytes at the surface of the electrode, as well as the cation intercalation into and 
deintercalation from the electrode material.45 The actual mechanism was described in detail in 
Section 3.5.3.  
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Figure 5.18. EIS data (depicted as open symbols) of the NiHCF films in (A) 0.25 M Na2SO4 and 
(B) 0.25 M K2SO4 together with the corresponding fits (depicted as solid lines). The fits were obtained 
with the use of the EEC presented in part C. The model describes a mechanism involving at least three 
quasi-reversibly connected steps. Ru - uncompensated resistance; Zdl - impedance of the double layer; 
Rct - charge transfer resistance; the remaining R and C elements stand for resistances and capacitances 
of adsorption, respectively.   
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5.4.3 LICT Characterization of NiHCF Films 
              
Following the characterization of the electrodes with the “conventional” electrochemical 
methods, the formed interfaces were probed using the LICT technique. After a series of 
experiments, it was revealed that the NiHCF electrodes immersed in 0.25 M Na2SO4 exhibit 
the PME. However, in this system, the potential at which surface water molecules change their 
orientation towards the electrode surface was found outside of the (de)intercalation potential 
regime at ca. -0.13 V vs SSC (Figure 5.19A and B). In contrast, the PME in the 0.25 M K2SO4 
solution was not detected at all (Figure 5.19C and D). In this case, right after the laser 
illumination, all the obtained transients were positive within the whole investigated range 
reaching the onset potential of the HER at ca. -1.20 V vs SSC. As discussed in Section 5.2.2, 
in some cases, the PME of the system might be located at very negative potentials. This, 
however, could have not been verified in this case as the generation of hydrogen bubbles and 
the probable potential-driven damage of the film made it impossible to perform measurements 
at more negative potentials. Based on the alternative explanation suggested by Huang et al., it 
is also possible that the studied system might simply not exhibit the PME (see Section 
5.2.2).45,352  
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Figure 5.19. LICTs of the NiHCF thin films in (A,B) 0.25 M Na2SO4 and (C,D) 0.25 M K2SO4, 
respectively. (A) 3D LICT plot obtained in the Na+-containing solution outside of the cation 
(de)intercalation range. (B) Corresponding 2D plot representing the maximal extrema of the collected 
current transients as a function of the applied potential. The estimated value of the PME is  
ca. -0.13 V vs SSC. (C) Analogous 3D LICT graph obtained in the electrolyte containing K+ and the 
(D) corresponding 2D plot showing the dependence of maximal current extrema as a function of the 
voltage. One can observe drastic changes in the current transients caused by the HER and/or the 
modification of the film composition below -1.20 V vs SSC. Black arrows show the scan direction of the 
performed LICT measurements.  
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Figure 5.20A and C show the current transients collected for the NiHCF films immersed in the 
0.25 M Na2SO4 and 0.25 M K2SO4 solutions within the voltage ranges of sodium and potassium 
cation (de)intercalation, respectively. Interestingly, in both systems, the sign of the obtained 
maximal extrema of the current spikes are positive within the whole investigated regimes. This 
further implies that within these potential ranges, the electrode surface charge is positive. The 
relations between the recorded current extrema and the applied electrode potentials for both 
solutions are additionally displayed in Figure 5.20B and D.  
 
Figure 5.20. LICTs of the NiHCF thin films in (A,B) 0.25 M Na2SO4 and (C,D) 0.25 M K2SO4, 
respectively. (A) 3D LICT plot obtained within the Na+ (de)intercalation range together with the 
(B) corresponding 2D plot of the maximal extrema as a function of the electrode potential. 
(C) Analogous 3D plot in the range of K+ cation (de)intercalation and the (D) corresponding 2D 
representation of maximal current extrema as a function of the potential. Graphs display every second 
measurement. Black arrows show the scan direction.  
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5.4.4 LICTs and Impedance Data 
 
On the basis of the aforementioned results, one might expect that, during intercalation, the 
positively charged ions are attracted by the electrode surface which carries the positive excess 
charge. This could appear counterintuitive judging from the expected electrostatic repulsion. 
However, it should be mentioned that intercalation is thermodynamically driven, and the same 
charge of the electrode and the species, in the first place, would only slow the process down. 
Interestingly, the vast majority of the current transients collected in the solutions of sodium and 
potassium sulfate exhibits the characteristic ‘‘tripolar shape’’. As shown in Figure 5.21 
representing single sample transients, shortly after the laser illumination, the observed current 
peaks are positive. Then their orientation changes to negative, eventually getting positive in 
longer times. Interestingly, the fluctuations were not seen for the pure gold electrodes 
(presented in Section 5.1). For this reason, they cannot be found as artifacts resulting from the 
hardware. Moreover, owing to the very short time frame of the potentiostat, such artifacts could 
not have been detected. Instead, the unique shape of the transients shows that in both 
investigated model battery systems there are most likely at least three different relaxation 
processes characterized by different ‘‘time constants’’ indicated as τ1, τ2, and τ3.45  
The first current peaks in the resulting LICTs can be solely associated with the double layer 
response since it is expected to be the quickest.366 This anodic process can be seen as the 
reorientation of the interfacial water molecules after illuminating the surface with the laser 
beam. As a result, the positive charge accumulated at the electrode surface might lead to 
intensified anion adsorption (in this case adsorption of the SO4
2- anions). Partial temperature-
driven intercalation and deintercalation of alkali-metal cations might be other processes 
possibly contributing to these peaks. The subsequent current alteration likely reflects the 
interfacial charge and mass transfer. It should be mentioned that during the laser experiments, 
the electrode potentials at each step were held constant. Therefore, the observed LICTs should 
be seen as system answers coming from various processes, which are often opposite to each 
other. As a consequence, one can expect a dynamic equilibrium to occur between, for instance, 
cation intercalation and deintercalation. In the final step, represented as the broad, positive 
current peaks, the adsorbed species get desorbed from the electrode surface. Also in this case, 
the process of anion adsorption can take place in parallel with partial readsorption of the 
negatively charged species.45,46 
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Figure 5.21. Comparison of the shape of the sample current transients recorded for NiHCF thin  
films in 0.25 M Na2SO4 at (A) 0.50 V, and (B) 0.68 V vs SSC, and in 0.25 M K2SO4 at (C) 0.90 V,  
and (D) 0.96 V vs SSC. One can clearly notice the ‘‘tripolar shape’’ of the resulting curves. All  
three peaks can be related to three different interfacial processes having different time constants:  
τ1, τ2, and τ3.    
To validate this interpretation, the time constants acquired from the EIS experiments were 
linked with the ones estimated from the LICT measurements. For this purpose, the time 
constants obtained from the values of the corresponding parameters belonging to the EEC 
presented in Figure 5.18C (i.e., Zdl and Rct, Ca,1 and Ra,1, as well as Ca,2 and Ra,2; see Table A.A 
in Appendix A) were  calculated and compared with the corresponding time constants 
estimated from the LICT plots, i.e., τ1, τ2, and τ3. Interestingly, the resulting τ1’s were very close 
to the values representing the response of the EDL determined from the EIS data. Likewise, the 
estimated values of τ2 and τ3 were found to be similar to the time constants obtained from the 
EEC parameters related to the interfacial charge and mass transfer (acquired from Ca,1 and Ra,1, 
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as well as Ca,2 and Ra,2). One can see that the EIS data are consistent with the LICT ones. 
Nevertheless, the laser experiments offer a benefit over the impedance analysis: they provide 
information regarding the net cathodic and anodic components of mechanisms occurring in 
multiple stages.45  
Moreover, the combination of the LICT and EIS data can support the three-stage mechanism 
of alkali-metal cations in aqueous electrolytes introduced in Section 3.5.3. For the solution 
containing Na+ and SO4
2-, the mechanism can be described as follows: 
Na2Ni[Fe
II(CN)6] − e
− ⇄ Na2Ni[Fe
III(CN)6]
+ Eq. 5.2 
2Na2Ni[Fe
III(CN)6]
+ + SO4
2− ⇄ (Na2Ni[Fe
III(CN)6])2SO4 Eq. 5.3 
(Na2Ni[Fe
III(CN)6])2SO4 ⇄ 2Na
+ + SO4
2− + 2NaNi[FeIII(CN)6] Eq. 5.4 
 
Generally speaking, the alteration in the oxidation state of the iron atoms in the electrode 
structure designated by Eq. 5.2 can also occur as a consequence of the laser-induced 
temperature jump (step I). This should generate the excessive charge at the electrode surface, 
which can be further compensated by the electrolyte components (e.g., anions) as depicted in 
Eq. 5.3 (step II). In the final step, shown schematically by Eq. 5.4, slower relaxation of the 
system without the net charge transfer is supposed to take place (step III).45  
Noteworthy, the comparison of part A and B with C and D of Figure 5.21 can additionally 
reveal notable dissimilarities between the relaxation curves at shorter times, τ1, obtained in 
different solutions. The only difference between the two electrolytes is the nature of the cations. 
Thus, the bigger time constants τ1’s acquired for the K2SO4 might result from the lower 
hydration energy of K+.350 The lower value of hydration energy might mitigate the order of the 
H2O adlayer and, as a consequence, lead to a slower reorganization of the double layer after the 
laser probing. Although it requires further experimental validation, such an analysis of the 
relaxation curves could likely provide further information about the influence of the cation 
nature on the kinetics of the investigated processes.313 This might be particularly useful in, for 
instance, understanding the origins of the irreversibilities during charging and discharging of 
battery cells usually visible as asymmetry in a shape of CVs (see Figure 5.16A).12,45,367   
In conclusion, it is demonstrated that the LICT technique can be successfully used in the 
investigation of NiHCF-based battery systems. Particularly, the combination of the LICT data 
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with those obtained using other commonly known methods of electroanalysis can provide 
unique information regarding the alkali-metal (de)intercalation processes in aqueous PBA 
battery systems. As presented for the NiHCF material, the laser technique can disclose the 
effective surface charge of the battery electrodes and reveal their PMEs. By using solutions 
containing different alkali-metal cations (i.e., Na+ and K+), it was additionally shown how the 
electrolyte composition can influence the interfacial processes through, for instance, affecting 
the PME value. Surprisingly, the excess surface charge accumulated at the electrode during 
(de)intercalation of both the Na+ and K+ cations is positive. However counterintuitive these 
findings appear, they are in agreement with the hypothesis suggesting the three-stage 
mechanism of the interfacial processes reported in the literature (and described in Section 
3.5.3). Additionally, owing to its unique ability to differentiate between the net anodic and 
cathodic constituents, the LICT technique further confirms the complexity of the 
(de)intercalation. The aforementioned findings show that the LICT analysis can indeed be a 
useful method for characterizing aqueous battery systems. Understanding the role of different 
electrolyte components (in this case cations) in establishing the EDL structure, as well as their 
effect on the interfacial processes, can be particularly helpful in the development of new models 
describing mechanisms of alkali-metal cation (de)intercalation.45  
  
5.4.5 Deposition and Characterization of CoHCF Films 
 
Cobalt hexacyanoferrate (CoHCF) is another example of PBAs. As a compound capable of 
being used as a battery electrode material, CoHCF is known for its high stability in solutions 
containing Na+ and K+ cations,368 and good energy density.369 In this section, the interfacial 
processes occurring at the solid/liquid interfaces at model CoHCF-based battery electrodes in 
aqueous electrolytes are investigated. As in the case of NiHCF, the extensive analysis of the 
system utilizing the LICT technique augmented by other electrochemical methods is performed.  
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Figure 5.22. (A) Typical CV obtained during deposition of the CoHCF film (dE dt -1 = 50 mV s-1) and 
the (B) corresponding EQCM diagram showing the change of the electrode mass.   
Part A of Figure 5.22 shows a typical CV obtained during deposition of CoHCF thin films. The 
recorded current increases with the potential cycles. In the displayed voltammogram, two pairs 
of oxidation/reduction peaks can be seen. The first, bigger pair is observed at ~0.55/0.45 V. As 
reported by Wu et al., it can be partially related to the change in the oxidation state of the 
nitrogen-coordinated Co atoms.370,371 At the more positive potentials, at ~0.90/0.80 V, another 
pair of peaks can be seen. As further claimed by the same group, this pair can be associated 
with an alteration in the oxidation state of the carbon-coordinated Fe. The corresponding change 
in the electrode mass recorded during the film deposition is presented in Figure 5.22B. The 
resulting mass increase was ~22.30 μg cm-2.46  
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The quality of the deposited films was further checked using the AFM. 2D and 3D AFM images 
of CoHCF electrodes are shown in Figure 5.23A and B, respectively. The acquired images 
show a relatively smooth film surface with the roughness factor of ca. 1.23. The deposited films 
evenly cover the gold support. 
 
Figure 5.23. Representative (A) 2D and (B) 3D AFM images of the deposited CoHCF films. The 
obtained surfaces are relatively smooth and uniform.  
Subsequently, the CoHCF electrodes were characterized in 0.25 M aqueous solutions of three 
salts, namely Na2SO4, NaCl, and NaClO4. The resulting CVs are shown in Figure 5.24A. The 
anodic and cathodic peaks are associated with deintercalation and intercalation of Na+ cations, 
respectively. As in the deposition process, the anodic and cathodic peaks also correlate with the 
alteration in the oxidation states of Co and Fe atoms in the films. Apparently, for all the 
investigated solutions, the ‘‘bigger’’ current peaks are located at the same potentials. They also 
exhibit a similar shape. Furthermore, the differences in the position and appearance between 
the ‘‘smaller’’ peaks recorded in the electrolytes containing SO42- and ClO4- anions are also 
very small (see Figure 5.24A). The change in the electrode mass during (de)intercalation is 
shown in Figure 5.24B. The total mass alteration during intercalation of sodium cations from 
sulfate and perchlorate solutions was determined as ca. 1 μg cm-2. The apparent mass decrease 
(ca. 20%) in the case of sodium chloride arises from the narrower voltage range chosen in order 
to avoid chlorine evolution.46   
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Figure 5.24. (A) Typical CVs of the CoHCF films immersed in the 0.25 M Na2SO4, 0.25 M NaCl, and 
0.25 M NaClO4 solutions (dE dt 
-1 = 50 mV s-1), as well as the (B) corresponding EQCM diagram 
showing the change of the electrode mass during Na+ intercalation/deintercalation (background 
corrected curves). The choice of the narrower potential regime in the case of 0.25 M NaCl was made in 
order to avoid the chlorine formation.    
 
5.4.6 Impedance Characterization of CoHCF Films 
 
In the next step, the interface formed between the CoHCF thin films and the aqueous 
electrolytes was examined using the EIS. Figure 5.25A, B, and C display the EIS spectra 
obtained for the electrodes immersed in the 0.25 M Na2SO4, 0.25 M NaClO4, and 0.25 M NaCl 
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electrolytes, respectively, together with the corresponding fits. As in the case of the NiHCF 
films, all the recorded spectra exhibit the typical loop-like shapes. The EECs used to perform 
the fits of the recorded data are shown in Figure 5.25D and E.46  
 
Figure 5.25. Typical EIS spectra (depicted as open symbols) of the CoHCF films immersed in 
(A) 0.25 M Na2SO4, (B) 0.25 M NaCl, and (C) 0.25 M NaClO4 together with the corresponding fits 
(depicted as solid curves). The EECs shown in part D and E were used to perform the fits. The presented 
models describe a mechanism involving at least three quasi-reversibly connected stages. Ru - 
uncompensated resistance; Zdl - double layer impedance; Rct - charge transfer resistance; the other R 
and C parameters stand for resistances and capacitances of adsorption, respectively. As mentioned in 
the text, the additional parallel set of Ra,3 and Ca,3 in E accounts for the additional semicircles visible in 
the high-frequency regime in part C.      
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The EEC shown in Figure 5.25D is identical to the one used during the EIS characterization of 
NiHCF electrodes (see Figure 5.18C). Interestingly, it was also successfully applied to fit the 
data obtained for CoHCF films in the 0.25 M Na2SO4 and 0.25 M NaCl electrolytes. A slightly 
modified EEC containing an extra parallel set of capacitance (Ca,3) and resistance (Ra,3) was 
used in the case of 0.25 M NaClO4. The existence of the additional branch might be associated 
with the capacitive properties of the electrodeposited film itself.372 Regardless of the 
aforementioned dissimilarities, both the EECs represent the three-stage scheme of sodium ion 
intercalation/deintercalation proposed by Yun et al. and Ventosa et al. involving temporary 
adsorption and desorption of electrolyte anions at the electrode surface (see Section 
3.5.3).12,46,138 
 
5.4.7 LICT Characterization of CoHCF Films 
 
In order to reveal the excess surface charge of the CoHCF films, the electrodes were further 
probed with the laser beam. Sample current transients obtained in all three investigated 
solutions within the voltage ranges of Na+ (de)intercalation are shown in Figure 5.26A, B, and 
C. Unexpectedly, in the systems under study, the orientation of the current “spikes” changes 
more than once within the investigated potential ranges. It can be better visible in Figure 5.26D 
presenting the recorded extreme current values as a function of the applied potential. The 
recorded data indicate multiple changes of the sign of the charge accumulated at the electrode 
surface during Na+ cation intercalation. As shown in Figure 5.26, the resulting LICTs at the 
potentials ~0.00 V vs SSC are negative. Then, at ~0.05 V vs SSC, they turn positive, changing 
their sign again to negative at ~0.15 V vs SSC. At potentials around 0.70 V vs SSC, the 
transients eventually become positive. Interestingly, all the investigated systems show three 
potential values at which the orientation of the current transients alters. Obviously, the observed 
‘‘flipping potentials’’ were identified as the PMEs. As discussed in Section 3.6.3, the PME in 
simple electrochemical systems is closely related to the PZC. Furthermore, a single 
electrochemical system can likely show only one PZC. Thus, at first glance, the existence of 
multiple PMEs might seem surprising. Nevertheless, it should not be forgotten that the 
presented Na-ion battery systems and processes occurring at their interfaces are more complex 
than the model systems usually presented in the literature. Therefore, their behavior might not 
entirely follow the basic tenets of conventional surface science.46       
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Figure 5.26. Sample LICTs obtained for the CoHCF films in (A) 0.25 M Na2SO4, (B) 0.25 M NaCl, and 
(C) 0.25 M NaClO4 at various electrode potentials. The order of the potentials steps is further shown by 
roman numerals. (D) Corresponding 2D LICT plot depicting the current extrema shown as a function 
of the electrode potential for all three solutions. Three PMEs were detected in each system. The 
numerical values of hydration energies are taken from reference 350. The additional black arrow shows 
the scan direction. 
Interestingly, the direct comparison between the 2D LICT plots (Figure 5.26D) and 
corresponding CVs (Figure 5.24A) reveals that the values of the detected PMEs are very close 
to the onset potentials of sodium cation (de)intercalation. The stiffness of the EDL at the 
potentials far from the PMEs is high, which makes it difficult for the cations to migrate towards 
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(Figure 5.27A) and from the electrode surface (Figure 5.27B). In contrast, at the PMEs and at 
the potentials close to them, the EDL gets less ordered. As a consequence, at these potential 
values, the charge and mass transport through the interface can proceed much more easily.172 
This shows the importance of the interface structure for interfacial processes, such as 
(de)intercalation, occurring in battery systems.46  
 
 
Figure 5.27. Schematic illustration of the influence of the surface water structuring on alkali-metal 
cation (represented by yellow circles) (A) intercalation and (B) deintercalation from aqueous solutions 
at the potential lower than the PME, equal to the PME, and higher than the PME. Note that the ease of 
the interfacial processes largely depends on the stiffness of the solvent adlayer. The roman numerals 
depict the order of processing steps.       
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It is worth noting that the exact values of the detected PMEs differ for different electrolyte 
compositions. In the electrolyte containing (bi)sulfate anions, the laser-induced current 
response of the system is not prominent at ca. 0.07 V (PME1), 0.17 V (PME2), and 
0.66 V (PME3) vs SSC; in the Cl
--containing solution, the potentials shift to ca. 0.02 V (PME1), 
0.14 V (PME2), and 0.72 V (PME3) vs SSC, while in the presence of ClO4
- species, the values 
at which the transients change their orientation are located at ca. 0.09 V (PME1), 
0.14 V (PME2), and 0.67 V (PME3) vs SSC (see Figure 5.26D). As mentioned before, as a 
result of keeping the potential constant at each potential step, the obtained current transients 
should be seen as a superposition of multiple system answers associated with various interfacial 
processes.45 This could, for instance, explain the existence of the PME1’s at the beginning of 
the investigated regimes at the potentials at which (de)intercalation is not supposed to take 
place. In this particular potential values, the change of the transient orientation is most likely 
related to alterations in specific adsorption of anions at the electrode surface. This can be further 
confirmed by the tripolar shape of the LICTs (Figure 5.28) representing several processes with 
different time constants obtained at the low voltages (similar to the case described in Section 
5.4.4).46  
 
 
Figure 5.28. Examples of LICTs obtained for the CoHCF films immersed in 0.25 M Na2SO4 at potential 
values of (A) 0.00 V and (B) 0.02 V vs SSC. Each of the three peaks can be related to a different process 
taking place at the interface (including anion adsorption and desorption) and having a different time 
constant (τ1, τ2, or τ3). Compare with Figure 5.21.  
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As multiple PMEs were not found in the case of the NiHCF films studied before (see  
Section 5.4.3), their existence seems to be a unique characteristic of CoHCF. The observed 
behavior might be related to the change in the oxidation state of cobalt in the film occurring  
at ~0.50 V vs SSC. Nevertheless, although the number of PMEs depends on the electrode 
material, their location appears to be affected by the composition of the electrolyte. In all the 
examined CoHCF-battery systems, the alkali-metal cations are the same. The only difference 
is the nature of the anions. Thus, presumably, the recorded changes might be a consequence of 
different adsorption strengths of the anions. This, however, would be visible in the shape of the 
resulting CVs, which does not change significantly in the presence of the dissimilar negatively 
charged species (Figure 5.24A). Therefore, the variations in the system behavior likely 
originate from different hydration energies of anions (Figure 5.26D).46 
The observed dissimilarities can be explained as follows. The concentration of Na+ cations near 
the electrode surface increases upon approaching the onset potentials of (de)intercalation.  
The sodium cations have higher hydration energy (409 kJ mole-1) than the chloride  
(381 kJ mole-1) and perchlorate (229 kJ mole-1) species, and much lower hydration energy than 
the (bi)sulfate (1059 kJ mole-1) anions.350 These differences affect the mobility of the species.373 
Thus, after the laser-induced temperature jump, during relaxation, the ‘‘faster’’ chloride and 
perchlorate anions are supposed to reach the electrode surface before the sodium species. This 
can further influence the response of the system to the laser illumination and, as a consequence, 
alter the shape of the resulting LICTs. Correspondingly, the sodium cations are expected to 
move faster than the (bi)sulfate anions. Hence, they will likely reach the surface before the 
SO4
2- anions. This can influence the overall shape of current transients and change the position 
of the PMEs.46 
While the PMEs correlate with the potentials of the minimum energy barriers to 
(de)intercalation, the potential values at which the system responses are at their maximum are 
also noteworthy. On the one hand, by using Eq. 3.38, one can demonstrate that the formation 
entropy of the interface is maximal when the potential drop in the interface is minimal. On the 
other hand, using the same equation, it can be shown that the maximal values of the current 
responses coincide with the state at which the entropy of the EDL formation reaches its 
minimum. This means that the potentials of maximum response are likely the potentials at 
which the order of the interfacial water layer structure is the highest. In all the three systems 
under study, hydration energies of the anions seem to have an effect also on the position of the 
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‘‘potentials of minimum entropy’’. The current transients reach the highest values at 0.36 V, 
0.30 V, and 0.28 V vs SSC in 0.25 M Na2SO4, 0.25 M NaCl, and 0.25 M NaClO4, respectively. 
Thus, it can be seen that the order of the surface solvent structure (crucial factor for LICT 
measurements) decreases as a consequence of an increase in the hydration energy of the 
negatively charged species present in the electrolyte (Figure 5.26D).46  
To sum up, it is shown that the LICT technique can also be applied to investigate other types 
of aqueous battery systems- in this particular case the CoHCF-based ones. Interestingly, the 
examined systems exhibit three PMEs. Taking into account that other known electrochemical 
systems usually show up to one PME, these results appear surprising. This is, however, in 
agreement with the theory demonstrating the relationship between the order of the surface water 
structure and the ease of the interfacial charge and mass transfer to proceed. In all the studied 
cases, the potentials at which the EDL exhibits the lowest energy barriers correspond to the 
onset potentials of (de)intercalation in the voltammograms. The further analysis demonstrates 
the effect of the electrolyte composition (particularly anion species) on processes taking place 
at the interface. Even though the obtained results might be partly affected by the change in the 
oxidation/reduction of Co atoms present in the electrode material, exact values of the PMEs 
seem to depend on the nature of the electrolyte species- most likely on their dissimilar hydration 
energy.46  
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6. Conclusions and Outlook   
  
The focus of this dissertation laid on the in-depth characterization of the electrified solid/liquid 
interface formed between different types of working electrodes and aqueous electrolytes in 
electrochemical systems essential for a sustainable provision of renewable energy. For this 
purpose, the laser-induced current transient (LICT) technique together with other commonly 
known electrochemical methods was utilized. Such a combination disclosed unique information 
about the influence of the electrolyte composition on the properties of the electric double layer 
(EDL) and the course of the interfacial processes.   
The first type of the examined systems consisted of polycrystalline Pt and Au electrodes 
immersed in aqueous solutions of various compositions. The thorough studies using the laser 
technique together with the cyclic voltammetry (CV) disclosed a direct relationship between 
the structure of the EDL and the electrode activity towards the hydrogen evolution reaction 
(HER) and the oxygen reduction reaction (ORR). Furthermore, as revealed from the 
experiments on the systems containing acidic electrolytes of various pHs and near-to-neutral 
pH solutions of sodium and potassium salts, the interfacial properties strongly depend on the 
concentration and nature of individual species. The different H+ concentration as well as the 
presence of dissimilar alkali-metal cations affect the structure of surface water molecules at 
certain potentials making them more or less able to reorient after the electron transfer towards 
and from the metal electrode surface. This, in turn, influences the electrocatalyzed reactions 
enhancing or hindering their rate.  
It should be, however, noted that the utilization of the LICT technique does not have to be 
limited only to electrocatalytic systems containing noble metal electrodes. The laser 
illumination can also disclose the surface charge accumulated at the electrodes consisting of 
Mn2O3- a bifunctional catalytic material for the oxygen evolution reaction (OER) and the ORR. 
Interestingly, as obtained from the CV studies, there is a distinct correlation between the so-
called potential of maximum entropy (PME) and the potential at which the ORR starts. Thus, 
also in this type of systems, the kinetics of electrocatalytic processes exhibits sensitivity to the 
structure of the electrode/electrolyte interface. Moreover, by combining the LICT analysis with 
impedance studies, one can acquire useful information not only about the phenomena occurring 
in the interface but also about the processes taking place in the structure of the electrocatalytic 
material during the reaction course.  
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In the next step, the studies were extended to the investigation of Na-ion battery systems. The 
interfaces formed between various aqueous electrolytes and electrodes consisting of 
Na2Ni[Fe(CN)6] thin films deposited on polycrystalline Au electrodes were examined using the 
laser technique. Also in this case, the LICT appeared as a suitable method to detect the charge 
accumulated at the electrode surface and, as a consequence, to reveal the PMEs of battery 
systems. As shown for electrolytes containing sodium and potassium cations, the different 
electrolyte composition can significantly affect the structure of the electrified solid/liquid 
interface influencing the processes taking place at it. Notwithstanding, the net charge at the 
surface of NiHCF was found to be positive during both intercalation and deintercalation of the 
positively charged species. However surprising these results can seem, they confirm the 
previously drawn hypothesis regarding the three-stage mechanism of cation (de)intercalation. 
A careful analysis of the shape of the recorded current transients additionally proved the validity 
of this interpretation revealing the multistage mechanism of these processes.  
Interestingly, the Na-ion battery systems utilizing NiHCF films as the electrode material are not 
the only ones, which can be investigated with the LICT method. The application of the laser 
beam can also successfully serve in the examination of the battery systems with Au-supported 
Na2Co[Fe(CN)6] thin film electrodes. Similar as for NiHCF, the LICT unveiled the charge 
accumulated at the CoHCF electrodes immersed in aqueous electrolytes. Unlike the previous 
case, the CoHCF-based systems showed three PMEs. As electrochemical systems typically 
exhibit only up to one PME, the existence of three PME values seems to be surprising. 
Nevertheless, the presented findings support the theory correlating the EDL arrangement with 
its ability to facilitate the interfacial charge and mass transfer. In all the battery systems under 
study containing CoHCF as the cathode material, the potentials at which the entropy of the 
electrode/electrolyte interface reaches its maximum correspond to the onset potential values of 
cation intercalation into and deintercalation from the electrode structure. Moreover, the 
properties of the EDL, as well as the processes taking place at it, exhibit sensitivity to the 
electrolyte composition. Although the existence of the triple PMEs is a unique characteristic of 
the electrode material, their values vary according to the nature of anion constituents present in 
the solution.   
The LICT appears to be a versatile method of electroanalysis. Owing to its relative simplicity 
and ease of combining with other techniques, it can find applications in studying a broad range 
of electrochemical systems. In spite of its original purpose, it can deliver information about the 
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interfaces formed not only between aqueous electrolytes and metal surfaces but also between 
aqueous electrolytes and inorganic electrode materials, such as metal oxides or Prussian Blue 
Analogs. The results obtained this way fit into the classical perspective emphasizing the 
importance of the double layer properties for the mechanism of the interfacial processes. 
Moreover, they underline the role of the electrolyte composition for the electrochemical system 
performance disclosing the often unclear origins of electrolyte-dependent variations. 
Comprehension of these effects can play a crucial role in improving and developing 
electrochemical systems essential for renewable energy provision. This, in turn, can 
significantly contribute to a decrease in operational expenses of these systems making the 
generation of green energy more cost-effective.  
The presented examples hold a promise of utilizing the laser beam in the investigation of even 
more complex and “unusual” electrochemical systems. The principle correlating the EDL 
properties with the mechanism of the interfacial processes can be potentially transferred to other 
electrocatalytic or battery systems. Furthermore, as the effects associated with the electrolyte 
composition in these systems often do not follow trivial trends, there are plenty of cases where 
the application of the LICT could shed light on the origins of the observed variations in the 
system behavior. Particularly interesting might be the effect of the non-aqueous solutions. As 
the recorded laser-induced response of a particular system is strictly related to the solvent 
nature, the implementation of this technique should likely give an insight into the structure and 
properties of the formed interface. Finally, the laser measurements performed with opposite 
scan directions might also answer questions about the adsorption strength of particular ions at 
the electrode surfaces.374   
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Appendix 
 
Appendix A: Table A.A and Calculated Time Constants 
 
Table A.A. Values of the EEC parameters resulting from fitting the impedance spectra depicted in 
Figure 5.18A and B obtained for the NiHCF electrodes immersed in 0.25 M Na2SO4 and 0.25 M K2SO4 
at various potentials. Note that according to the model, the values of adsorption capacitances and 
resistances can be formally negative. 
Conditions Ru [Ω] Cdl’ [µF] ndl Rct [Ω] Ra,1 [Ω] Ra,2 [Ω] Ca,1 [µF] Ca,2 [mF] 
 at 0.40 V vs RHE 
in 0.25 M Na2SO4 
26.902 70.297 0.744 89.383 -44.996 -46.173 -489.93 34.084 
 at 0.50 V vs RHE 
in 0.25 M Na2SO4 
27.124 65.165 0.778 92.806 -46.062 -221.99 -516.96 17.205 
 at 0.66 V vs RHE 
in 0.25 M K2SO4 
64.622 4.347 0.792 276.9 7013.2 -4935.6 5.1998 -0.197 
 at 0.76 V vs RHE 
in 0.25 M K2SO4 
103.05 5.222 0.861 1090.9 7324.2 -4201.2 4.67 -0.206 
 
The impedance of the EDL Cdl’ was determined from the CPE parameters using the software 
available online.375  
The calculated time constant, τ, both at 0.40 V and 0.50 V vs RHE in 0.25 M Na2SO4 was  
ca. 6 ms, while in 0.25 M K2SO4 it was equal to ca. 1.2 ms and ca. 4.5 ms at 0.66 V and 0.76 V 
vs RHE, respectively. The obtained values are closely related to the τ1, τ2, and τ3 estimated from 
the LICT graphs (Figure 5.21).   
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Appendix B: Abbreviations and Symbols 
 
List of abbreviations: 
 
AC 
ads 
Alternating Current 
Adsorbed Species 
AFC Alkaline Fuel Cell 
AFM Atomic Force Microscopy 
AM Alkali-Metal  
AN Anion 
aq Liquid Phase 
CE Counter Electrode 
CoHCF Cobalt Hexacyanoferrate 
CPE Constant Phase Element 
CV Cyclic Voltammetry 
DC Direct Current 
DE Dummy Electrode 
dec Decade 
DFT Density Functional Theory 
DMFC Direct Methanol Fuel Cell 
EC-STM Electrochemical Scanning Tunneling Microscopy 
EDL Electric Double Layer 
EEC Equivalent Electric Circuit 
EIS Electrochemical Impedance Spectroscopy 
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EQCM Electrochemical Quartz Crystal Microbalance 
FC Fuel Cell 
fcc Face Centered Cubic 
g Gas Phase 
HER Hydrogen Evolution Reaction 
HMRDE Hanging Meniscus Rotating Disk Electrode 
HOPG Highly Ordered Pyrolytic Graphite 
HOR Hydrogen Oxidation Reaction 
IHL Inner Helmholtz Layer  
ITO Indium Tin Oxide 
LICT Laser-Induced Current Transient 
MMS Mercury-Mercury Sulfate 
ME Microelectrode 
NiHCF Nickel Hexacyanoferrate 
OER Oxygen Evolution Reaction 
OHL Outer Helmholtz Layer 
ORR Oxygen Reduction Reaction 
PAFC Phosphoric Acid Fuel Cell 
PBA Prussian Blue Analog 
pc Polycrystal 
PEM Polymer Electrolyte Membrane 
PME Potential of Maximum Entropy 
PZC Potential of Zero Charge 
PZFC Potential of Zero Free Charge 
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PZTC Potential of Zero Total Charge 
qcw Quartz Crystal Wafer 
RE Reference Electrode 
RHE Reversible Hydrogen Electrode 
s Solid Phase 
SOE Solid Oxide Electrolyzer 
SOFC Solid Oxide Fuel Cell 
SSC Silver-Silver Chloride 
WE 
WEL 
Working Electrode 
Water Electrolyzer 
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List of symbols: 
 
∆Ho Hydration Energy 
c Thermal Capacity of Metal Electrode 
c1 Thermal Capacity of Aqueous Electrolyte 
Ca Adsorption Capacitance 
Cd Diffuse Layer Capacitance 
Cdl 
C’dl 
Double Layer Capacitance 
Factor Related to the Double Layer Capacitance 
Cf Film Capacitance 
Ci Inner Layer Capacitance 
CS Sensitivity Factor 
d Diameter 
E Potential 
e0 Electron Charge 
E0 Potential Amplitude  
E2 Potential Drop at Diffuse Layer 
Ei Initial Potential 
Eo 
Echarge 
Edipole 
EM-S 
Standard Potential 
Electrode Potential Contribution Coming from the Electrode Surface Charge  
Electrode Potential Contribution Coming from the Water Molecules 
Potential between the Electrode and the Solution 
EPZC Potential of Zero Charge 
ETD Thermo-Diffusion Potential 
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Ew Potential Drop due to the Solvent Structuring 
Eλ Switching Potential 
f Frequency 
F Faraday Constant 
f0 Natural Frequency 
i Current 
i0 Current Amplitude 
iXtrm Maximal Current Extremum 
j Current Density 
k 
K 
Rate Constant  
Equilibrium Constant 
KS Constant Representing the Influence of the Solvent on the EPZC 
L Inductance 
m Mass 
n Harmonic Number of Oscillation 
𝑝 Power density 
q Charge 
qa Adsorption Charge 
qf Final Charge 
qi Initial Charge 
qM Metal Electrode Charge 
qS Charge Carried by the Ions Present in the Solution 
qdipole Charge Accumulated at the Surface Water Adlayer 
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R Resistance 
Ra Adsorption Resistance 
Rct Charge Transfer Resistance 
Rf Film Resistance 
Ru Uncompensated Resistance 
S Entropy 
Ŝ Eastman Entropy 
T Temperature 
t Time 
t0 Initial Time 
T0 Initial Temperature 
W Diffusion Warburg Impedance 
Z Impedance 
Zdl Double Layer Impedance 
ZIm Imaginary Part of Impedance  
ZRe Real Part of Impedance 
δ Surface Reflectivity  
𝜖 Energy Flux per Unit Area 
θ Phase Angle 
ϑ Transport Number 
κ Thermal Conductivity of the Metal Electrode 
κ1 Thermal Conductivity of the Aqueous Electrolyte 
μ Shear Modulus 
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ρ Metal Electrode Density 
ρ1 Aqueous Electrolyte Density  
ρQ Quartz Density 
τ Time Constant 
υ Scan Rate 
Φ Work Function 
ω Angular Frequency 
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